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ABSTRACT 
Ground water which has been contaminated by improper disposal of 
organic chemicals is usually cleaned up either by air stripping or 
granular activated carbon adsorption, both of which still leave a 
pollution problem when "treatment" is completed. Several Illinois 
Superfund sites are candidates for cleanup of ground water, and Illinois 
EPA is now facing the problem of how best to clean these sites, using as 
much on-site technology as possible. 
Oxy-radical processes have been shown to be powerful methods for the 
destruction of organic compounds in water. Photolytic ozonation, in 
particular, has been proven effective for the complete conversion of 
organic compounds to carbon dioxide and water, organochlorine to chloride, 
etc. However, some solutes present in ground water (e.g. sulfate, 
phosphate, and bicarbonate) are known hydroxyl radical scavengers and may 
interfere with treatment, if present in high concentrations. On the other 
hand, the scavenging products, which are radical anions, are known to 
react preferentially with some organic compounds. The purpose of the 
research was to investigate the extent of natural solute inter-
ference/enhancement of important treatment reactions, to determine 
concentration ranges in which the effects become dominant upon the 
kinetics of oxy-radical treatment processes, and to identify any classes 
of compounds for which treatment reactions may actually be enhanced by the 
presence of such solutes. 
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EXECUTIVE SUMMARY 
Introduction 
Advanced Oxidation Processes are those processes which generate free 
oxy-radicals as the active agents to destroy contaminants. The most 
common examples of AOPs are the combination treatments involving ozone, 
hydrogen peroxide, and ultraviolet light (UV) , i. e. , ozone/UV, 
peroxide/UV, and ozone/peroxide. These processes are very powerful for 
the removal of organic pollutants from water because they are capable of 
converting the pollutant completely to innocuous mineralized substances 
such as carbon dioxide, water, chloride, etc. Previous work (Peyton 
et ai., 1987; Peyton and Glaze, 1988) has shown that organic compounds ~an 
be roughly divided into two categories according to their behavior in 
Advanced Oxidation Process (AOP) treatment systems: Those which produce 
superoxide as a reaction by-product, and those which produce hydrogen 
peroxide. There is some evidence (von Sonntag, 1987) that some compounds 
may fall into both categories, i.e., produce both superoxide and hydrogen 
peroxide. For the purposes of this discussion, however, the 
categorization is still a useful one. 
Nontarget solutes such as inorganic anions or natural organic 
material may interfere with the AOP treatment of organic contaminants by 
scavenging the free radicals that are generated during the treatment 
process. Although these deleterious solute effects are widely referred 
to in the literature and contemporary scientific presentations, no 
comprehensive method of quantitatively assessing these effects on AOP 
treatment efficiency has been presented. The objective of this work was 
to develop and test a mathematical model that could be used for such 
predictions, to aid scientists, engineers, and administrators in 
determining the most cost-effective application of AOPs to environmental 
and waste treatment problems. 
Methods 
Laboratory experiments were performed to validate the model. The 
effects of four inorganic solutes, bicarbonate, sulfate, phosphate, and 
chloride, on the efficiency of destruction of organic contaminants by AOPs 
were experimentally investigated. Four model contaminants were used: 
three aliphatic compounds, ethanol, formaldehyde, and tert-butanol; and 
one aromatic compound, benzene. Most of the experiments conducted were 
peroxide/UV treatment, since this represents the simplest of the AOPs. 
Some ozonejUV experiments were carried out, to check the applicability of 
the results to an ozone-based treatment. 
xv 
The effect of nontarget organic macromolecules was assessed by 
performing competition experiments using polyethylene glycols (PEGs) as 
the competitor molecules and diethyl malonate as the probe compound. This 
probe compound was chosen to allow comparison with data acquired during 
another recent project in this laboratory, in which the competitive effect 
of humic materials was investigated. It was found in the present study 
that the extent of competition exhibited by the PEG was predictable using 
the same mathematical relationship discussed above, and an estimate of the 
PEG rate constant based solely on its molecular weight. A simple 
competition-kinetic model was developed to describe the reduction in 
treatment efficiency caused by the presence of the inorganic solutes. 
The efficiency of treatment in a scavenged system was defined as the rate 
of the contaminant removal process in the scavenged system divided by the 
rate in the unscavenged system. The mathematical expression for this 
ratio was derived from the rate equations for the scavenged and 
unscavenged systems, and competition kinetic theory. The expression was 
validated by comparison of the ratio of the experimentally-determined 
rates with the values of the efficiency calculated using the theoretical 
expression and experimental conditions. 
Findings 
Agreement of the experimental results with the predictions of the 
hypothesized model for aliphatic compounds ranged from very good for 
ethanol to fair for t-butanol. Agreement for t-butanol was probably 
within experimental error, considering that the model requires. as input, 
five reaction rate constants from the free-radical literature. and five 
experimentally-determined concentrations. Literature v.alues of the rate 
constants are frequently only known to within a factor of two. 
The results of the calculation for different solute concentrations 
can be expressed as a plot of the efficiency. as a function of solute 
concentration. The curve generated by this plot was found to have a 
characteristic sigmoid shape which is asymptotic to unity at low solute 
concentrations and falls off to lower values or zero at high solute 
concentration. The curves clearly indicate at what solute concentration 
interference can be expected, as well as what concentration the efficiency 
drops to an unacceptable value. In an actual treatment scenario, this 
threshold value would be preselected by the design engineer. 
Predicted efficiency values were in excellent agreement for the 
peroxidejUV treatment of ethanol in the presence of bicarbonate. 
Efficiency of ozonejUV treatment for ethanol was found to be considerably 
better than predicted by the model. For the destruction of t-butanol in 
the presence of bicarbonate, agreement of the calculated curve with the 
experiment results was reasonably good, with the calculated curve 
providing a lower bound to the actual value, that {s, overestimating the 
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interference effect of the solute. This fact is useful in that it gives 
the design engineer at least an estimate of whether a particular process 
is feasible or whether the waste stream should receive prior treatment, 
such as acidification and carbon dioxide sparging from solution before 
treatment by the AOP. 
Although not all of the required rate constants were available for 
the prediction of Ro values for formaldehyde, a graphical method was used 
to estimate that rate constant from the experimental data. This estimate 
was- found to be reasonable in view of rate constants of related species. 
The hypothesized model did not correctly predict the behavior of the 
aromatic compound, benzene in the ~02jUV system. Very little decrease in 
the reaction (treatment) rate of benzene was observed, even when as much 
as 0.5 M (42,000 mg/L) sodium bicarbonate was added to the reaction 
mixture. This level of bicarbonate far exceeds the bicarbonate 
alkalinity values expected in surface water, ground water, or even most 
industrial wastewater. While these results indicate that the kinetic model 
is not suitable for benzene as a substrate, they also indicate that high 
bicarbonate concentrations are not a problem in the AOP treatment of 
benzene, and thus, no model is needed. It is important to determine 
whether these results can be generalized to other aromatic compounds. 
The effect of sulfate and phosphate on the destruction of the probe 
compounds was in general, less dramatic. In most cases, fairly subtle 
differences in the behavior of the reaction systems in the absence and 
presence of sulfate and phosphate were found to be interpretable in terms 
of the known chemistry of those systems. However, a more practical 
generalization of the results is that with minor exceptions, the effect 
of sulfate and phosphate presence is negligible within the limits of 
experimental error and the inaccuracies of process design, and thus no 
model is needed for the effects of sulfate and phosphate. A typical 
example is shown in Figure 9, Chapter 5, where no effect on the 
disappearance of formaldehyde in the ~02jUV system was seen upon the 
addition of 0.1 M sulfate (9,600 mg/L, as sulfate). Addition of 0.1 M 
phosphate (9,500 mg/L, as phosphate) only slowed the reaction rate by 10%. 
This represents a solution concentration of about 1% phosphate, which is 
much higher than all but the most heavily-laden industrial wastewaters. 
An important exception to the above generalization was seen in the 
data for the ozonejUV destruction of ethanol in the presence and absence 
of 0.1 M sulfate. In this case sulfate appears to serve as an ionic 
catalyst promoting the decomposition of intermediate peroxyl radicals, but 
also to convert hydrogen peroxide (produced by ozone photolysis) to 
superoxide, which reacts with ozone to produce more hydroxyl radical. 
This effect would be seen only in ozone systems and only with substrates 
which are superoxide producers (as opposed to peroxide producers). 
Furthermore, 0.1 M sulfate is a much higher concentration than is seen 
in natural water and most waste streams. 
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Chloride was shown to exhibit a negligible effect on the 
disappearance rates of both ethanol and benzene in the ozonejUV system, 
although other data collected in the benzene experiments indicated that 
there was some effect on the overall chemistry of the system. 
Conclusions 
1) The kinetic model developed from consideration of the competition 
kinetics of the free-radical species provided an excellent 
representation of the effect of bicarbonate on the destruction of 
aliphatic organic compounds which are "superoxide producers" (ethanol 
and formaldehyde, in this study). Predictions of the model were in 
fair agreement with results for the "peroxide producer" (t-butanol) 
which was investigated. The deleterious effect of bicarbonate' on the 
t-butano1 destruction rate was somewhat less than that predicted by 
the model, so that the model provided a conservative estimate (lower 
bound) of the expected efficiency. 
2) Bicarbonate was found not to interfere greatly with the destruction 
of benzene, even at bicarbonate concentrations of 0.5 M (30,500 mg 
HC03-/L). Thus, a model for the effect is not required. 
3) Sulfate, phosphate and chloride did not appreciably affect the 
efficiency of hydroxyl radical destruction of the model contaminants 
in the H202jUV system. Sulfate was found to enhance ethanol 
destruction efficiency in the ozonejUV system. This enhancement is 
thought to result from two effects: 1) sulfate appears to act as a 
base in the Brons.ted-Lowry sense and remove a proton from the 
hydroxyalky1peroxyl radical to produce superoxide, which then reacts 
with ozone to produce hydroxyl radical; and 2) Sulfate radical ion 
can react with hydrogen peroxide to yield superoxide, which reacts 
with ozone to produce hydroxyl radical. Since the second effect was 
present for ethanol (a "superoxide producer") and not for t-butano1 
(a "peroxide producer") we conclude that the former effect is 
dominant. Thus, no model is needed for these anions, except for 
superoxide-producing substrates in systems containing ozone. Since 
the latter group constitutes an appreciable fraction of possible 
treatment scenarios, it warrants further study. 
4) The competition from well-characterized macromolecules (polyethylene 
glycols) was kinetically predictable, using an estimation of the 
hydroxyl radical rate constant which was based on those of· other 
macromolecules. Although 03jUV treatment of relatively high 
concentrations of peroxide-producing substrate (3 x 10-5 M) have been 
shown to be unaffected by even twice their weight concentrations of 
Aldrich humic acids, the effect at high humic and low substrate 
concentrations is expected to be much more similar to that of the 
xviii 
polyethylene glycols. Significant interference by bicarbonate can 
be expected in natural water when the hydroxyl radical rate constant 
has a value of less than 108 L/mo1e-sec, or when the concentration of 
contaminant is below about 1 mg/L. 
xix 
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CHAPTER 1: INTRODUCTION 
the cleanup of aquifers contaminated by hazardous organic chemicals 
is currently being required at many Superfund sites in Illinois. Current 
practice is generally to "pump and treat" the water at the surface, either 
by air stripping or granular activated carbon adsorption. These and other 
nondestructive treatment methods share a common feature: a pollution 
problem still exists after treatment. 
A group of water treatment processes known as the Advanced Oxidation 
Processes (AOPs) have emerged during the last few years. these processes, 
which include ozonejUV (photolytic ozonation), ozone/peroxide, and 
peroxidejUV treatment, are very effective for the destruction of hazardous 
organic compounds in water. The power of these processes has recently 
been shown by Peyton et al. (1982, 1987), Peyton and Glaze (1983, 1987, 
1988), Glaze et al. (1979. 1980, 1982, and 1984), and Staehelin and Hoigne 
(1982, 1983) to be due to the generation of hydroxyl radical by complex 
series of reactions. Since hydroxyl radical can react with virtually any 
hydrogen- or double-bond-containing organic compound, the AOPs have a very 
wide domain of application. Peyton (1990) has recently reviewed the 
application of AOPs to drinking water treatment. 
In addition to being powerful, the AOPs are "clean" processes. Since 
the active species and their precursors are composed of hydrogen and 
oxygen, the by-products of decomposition or reaction are oxygen and water. 
Similarly, they have the capability to oxidize organic compounds 
completely to innocuous substances such as organic carbon to carbon 
dioxide, organochlorine to chloride, etc. (Glaze et al., 1980a). It 
should, in fact, be not~d that oxidation processes, whether thermal, 
aqueous free-radical, or biological, are the only means of completely 
destroying organic pollutants. 
The result of the above studies is that the mode of action of 
photolytic ozonation in pure water is now fairly well understood. Glaze 
et al. (1984) performed pilot-scale studies of the destruction of 
trihalomethane precursors (THMFP) in drinking water using photolytic 
ozonation. From their data, they estimated treatment costs to be in the 
range of $0.50-2.00 per thousand gallons for 60-80% removal of THMFP, 
depending on plant capacity. However, that study and others (Glaze 
et al., 1980a) have indicated that there may be difficulty in the 
application of this and other oxy-radical processes to the efficient (and 
thus cost-effective) treatment of organic pollutants in natural waters. 
Various natural solutes, such as bicarbon~te, can act as free - radical 
scavengers, removing hydroxyl radical from the system. Indeed, Hoigne and 
Bader (1983, and references therein) have used carbonate to remove 
hydroxyl radical in ozonation experiments, in order to study the effects 
of ozone alone. Glaze et al. (1980a) showed that removal of halogenated 
1 
organics from lake water using photolytic ozonation proceeded much more 
slowly than in distilled water, presumably due to radical scavenging by 
the bicarbonate alkalinity and natural organic material which was present 
in the lake water. 
There are indications from the radiochemical literature (Ross and 
Neta, 1979), however, that the product from that scavenging reaction, 
carbonate radical anion (CRA - ·C03-), is capable of very fast reactions 
with some organic compounds, while being relatively unreactive with 
others. For example, the second-order reaction rate constant for 
reaction of CRA with phenol is 2 x 107 M"' S"I, while with acetate it is 6 
x 102 M"' s"' (Ross and Neta, 1979). In addition, work by Bahnemann and Hart 
(1982) has indicated that lifetimes of CRA may approach two seconds in 
pulse radio1ysis experiments, compared with nanoseconds to microseconds 
for hydroxyl radical. The implication from this information is that in 
some cases, rather than being a hindrance to the use of oxy- radical 
treatment processes (both above ground and in situ), the presence of 
bicarbonate may actually enhance reaction selectivity without much 
decrease in total reactivity. Bicarbonate in this mode of action may be 
thought of as a "ho1e~transfer agent, II since the hole in the electron 
octet of oxygen in hydroxyl radical (Le., its "radicalness") is 
transferred to bicarbonate, then later to some other species. Physically, 
it is electrons which are transferred in each case, but the hole 
formalism, analogous to that used in solid state theory, is useful for 
focusing on the oxidation properties. The hole is more stable in 
bicarbonate than in hydroxyl radical and is thus less likely to 
participate in side reactions before encountering a substrate molecule. 
Other common anions which are present in natural water also undergo 
similar reactions to form radical anions (RAs). In fact, members of the 
series of radical anions formed by the removal of an electron from 
hydroxide, sulfate, phosphate, and carbonate ions all react with organic 
compounds but with reaction rates which decrease in the above order and 
range from very fast for hydroxyl radical (typical k == 108 - 10'0 M"' SO') to 
relatively slow for CRA (typical k - 102 - 106 M"' s"'). It is obvious from 
the chemistry of these species that hole transfer may take place between 
various members of the series and may, in fact, transfer "down the ladder" 
or cascade if several members of the series are present. This effect may 
thus be important in free radical in situ reclamation processes where many 
different anions may be present in the ground water. The action of 
sulfate radical ion, now under study as a reagent for abiotic aquifer 
reclamation processes (Peyton et al., 1988a) is expected to be mediated 
by the presence of other anions in the series. Consequently, these 
secondary reactions are expected to be significant in determining the 
ultimate efficiency of those cleanup processes. 
Finally, solute effects are extremely important in the in-plant 
treatment of hazardous industrial wastes by oxy-radica1 treatment 
processes. The de.cision to treat the effluent from a particular unit 
process or to first combine it with another waste stream could rest solely 
2 
on the solute effects which were introduced by mixing the streams. 
Preliminary results obtained in the course of another study (Peyton 
et al. 1987) have indicated an increase by a factor of two in the rate 
of destruction of methanol by ozone and ozone/uv when phosphate was added 
to the reaction mixture. 
Two general areas of solute participation were investigated during 
the course of these studies: 
1) For substrates (organic pollutants) which do not react 
appreciably with CRA (or analogous species from other natural 
solutes), a means of quantifying the deleterious effect of 
various natural solutes on the efficiencies of oxy-radical 
treatment processes was sought. It was necessary that this 
model be based on kinetic arguments rather than phenomenological 
summaries, in order to be of general applicability. More 
specifically, we sought to kinetically model any negative 
effect of the presence of natural solutes on the destruction 
efficiency of oxy-radical treatment processes, to aid in 
preliminary estimations of treatment efficacy. 
2) For substrates which do react with CRA (or analogous species) 
quickly enough for the reaction to be useful as a treatment 
process, the chemistry and kinetics must be understood 
sufficiently well to be able to manipulate this process in order 
to increase its treatment efficiency. We sought to determine 
if carbonate radical anion and similar species derived from 
other common anions can be used as effective 
"hole-transfer-agents" against some organic pollutants; If that 
approach proved feasible, we wished to determine if relative 
reactivity between pollutants and radical anions is predictable 
from literature reaction rate constants, and to kinetically 
model the system for use in process design. 
3 
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CHAPTER 2: LITERATURE SURVEY 
As was described in Chapter 1, the objective of this project was to 
determine and, if possible, model the effect on treatment efficiency of 
nontarget solutes present in water to be treated by the hydroxy1-
radical-generating AOPs such as photolytic ozonation. The first step in 
developing such a model is the understanding of how those solutes can 
participate in free-radical reactions. 
A nomenclature problem arises when discussing free-radical reactions 
in print. Free radicals are generally denoted by a dot which indicates 
an unpaired electron. However, in a section such as the following, where 
most of the species are radicals, the constant use of dots becomes complex 
and cumbersome. If the formula and charge are correc t, there is no 
ambiguity. One can determine whether or not most ground-state species are 
radicals, and thus dots are usually not strictly required. However, this 
convention is not satisfactory for nonchemist readers, and confusion can 
result. Therefore, the following convention has been followed throughout 
the balance of this report. 
1. Dots are never used on the radical species 02' O2-, and 03' 
2. Dots are always used for all other free-radicals. when they 
appear in equations. 
3. Dots are not used on free radicals in the text, unless 
necessary to make a particular point. 
It was already known that hydroxyl radical reacts with the common 
anions such as sulfate, phosphate. nitrate, chloride, and bicarbonate, 
which are present in natural water and wastewater. The products of those 
reactions are themselves free radicals, generally radical anions, which 
are reactive to varying degrees. In order to limit the scope of the study 
to the most important solutes from the point of view of reaction 
efficiency, nitrate was omitted from the study. Chloride was not studied 
in great detail because the literature does not seem to indicate that 
chloride interferes significantly with hydroxyl radical reactions. The 
reason for this is not known. The rate constant for the reaction between 
hydroxyl radical and chloride is relatively large at low pH (k, - 107 -
10'0 M" S·l at pH 1-3, Farhataziz and Ross, 1977), but may be considerably 
smaller (k < 106 at pH 6-9, Farhataziz and Ross, 1977) at higher pH due to 
the possibility that reaction 1 is part of an equilibrium. The forward 
reaction results in the formation of chlorine atom (equation 1). In the 
presence of excess chloride, reaction 2 quickly occurs (~ - 1.4 ± 0.4 
x 10'0 M" s", Ross and Neta, 1979). The species C12- is fairly reactive with 
many organic compounds. 
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Cl-+ ·OH -+ (1) 
Cl· + Cl- -+ ·Cl -2 (2) 
Nitrate was omitted from this study for two reasons. The first is that 
nitrate is generally present in natural waters at concentrations 
sufficiently low that the efficiency of hydroxyl radical reaction with 
organic contaminants would not be affected. The second reason is that the 
objective of this study was to kinetically model the solute effects. Very 
few rate constants are available for the reaction of nitrate radical with 
organic compounds of interest. The reaction of hydroxyl radical with 
nitrate forms the N03 radical (equation 3). 
(3) 
Both of the species C12- and N03 react with organic compounds, and their 
reaction products could in some case be considered significant pollutants. 
It was, however, far beyond the scope of this project to consider all 
solutes which could generate additional compounds. This study dealt only 
with the effect of added solutes on the treatment efficiency of 
oxy-radical processes. 
Phosphate was included in this study as a special case. Although 
it does not usually occur in natural waters at very high concentrations, 
phosphate has historically been used as a buffer for laboratory studies. 
In addition, potassium peroxydiphosphate is a possible reagent for use 
in in situ reclamation schemes. Sulfate was included because it is a 
common ground-water constituent and a reaction product of peroxydisulfate, 
another candidate reagent for in situ treatment. Typical concentrations 
of common ions in natural waters are shown in Table 1. 
A literature search of the many known literature references and 
reviews, and the Chemical Abstracts database was performed. The database 
was 'searched by computer for references relating to the radical anions 
which are generated from sulfate, phosphate, and bicarbonate by reaction 
with hydroxyl radical. Besides the literature already known to this 
research group, 361 additional references were identified in that search. 
That number was reduced to 64 references on the basis of title and 
abstracts. Copies of these articles were obtained and reviewed. 
6 
Table 1. Typical Concentrations of 
Common Inorganic Ions in Natural Water 
Surface water(I.2) Ground water(I.3) 
Bicarbonate(4) 
Sulfate 
Phosphate 
Chloride 
Nitrate 
100-300 
50-300 
S2 
20-200 
0-25 
(I)All concentrations in mg/L 
~Harmeson and Larson (1969) 
(3)Shafer (1985) 
(4)As CaC03 
50-500 
0-300 
0-1 
0-200 
0-10 
The number of applicable articles was about forty. Of these, the majority 
of the important information about sulfate, phosphate, and carbonate 
radical anions came from about 15-20 papers. 
Species of Interest 
In addition to hydroxyl radical, the species of interest are those 
generated from sulfate, the three forms of phosphate, and bicarbonate, by 
electron removal (one-electron oxidation) and hydrogen atom removal 
(hydrogen abstraction). The different protonated forms of radical anions 
can be in equilibrium in the same manner as the common anions, such as 
the three forms of phosphate ion (~P04-' HPO/, and P04"3). The common 
anions and their radical anions are shown in Table 2. 
Table 2. Common Anions and Their Radical Anions 
Anion Radical Abbreviation 
S04"2 
~P04-/HPO/IP04-3 
HC03- IC03 -
. S04-
~P04' . IHP04- IPO/ 
HC03"' I' C03-
* Included for completeness, although not anion'ic. 
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SRA 
PRA 
CRA 
Methods of Generation of Radical Anions 
All of the radical anions discussed in this report can be generated 
by reaction of hydroxyl· radical with the corresponding anion (Heckel 
et al., 1966). These reactions are shown in equations 4-6. 
SO/ + ·OH (4) 
~ (5) 
-+ (6) 
Throughout this section, the reaction for only one form of the anion 
rather than for all degrees of protonation (e. g., the three forms of 
phosphate H2P04-, HPO/, P04-3), will be given. Unless otherwise stated, it 
can be assumed that the other forms react analogously, though not 
necessarily with the same rate constant. The relative importance of the 
reactions may thus be determined by the pH of the solution. 
The radicals can be generated at laboratories having pulse radiolysis 
facilities, by the radiolysis of water, followed by reaction of hydrated 
electron with the corresponding peroxydianion (Hentz et al., 1972) or 
hydrogen peroxide, as in equations 7-9. 
-+ (7) 
-+ (8) 
(9) 
Although equations 4-6 represent the reactions of most interest in 
treatment systems, they are not always the most convenient for laboratory 
generation of the radicals. Homolytic peroxide bond cleavage either 
thermally or by photolysis (equations 10-12) usually proves to be the 
cleanest and easiest to model. 
A or 
---.. (10) 
hv 
8 
t. or 
---. (11) 
hv 
hv 
---. 2 'OH (12) 
When using thermolysis or photolysis, it must be determined that 
unwanted reactions are not introduced, or at least that they do not 
interfere. Another method of generation which can sometimes be used is 
the reaction of an electron donor such as a lower oxidation state of a 
transition metal, with a peroxo compound. Equation 14 corresponds to 
Fenton's reagent (Walling,' 1975) when M+n - Fe+2 • 
(l3) 
(14) 
This reaction may occur with other electron donors such as superoxide 
(02-) which are intermediates in the chain reactions of oxy-radical 
treatment processes. 
(15) 
(16) 
Finally, peroxo compounds may react with reducing radicals which are 
themselves organic by-products' of free radical reaction. (Davis et al., 
1984). 
(17) 
HO- + . OH + C~O + W (18) 
Although reactions analogous to equations 13-18 were not found in the 
literature for peroxydiphosphate, it is likely that they also occur. 
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Spectral Properties of Radical Anions 
The spectral properties of radical anions (RAs) are extremely 
important in fundamental studies since the RAs are generally monitored 
spectrophotometrically. Since lifetimes of these species are measured 
in microseconds or nanoseconds, the spectroscopic monitoring device is 
connected to an oscilloscope and camera or to a computer with very fast 
data acquisition capabilities. The Oxidation Research Laboratory is not 
equipped to perform these fast kinetic studies. However, the rapid rate 
of most free radical reactions simplifies the study of these processes on 
a water treatment time scale. At any time, all of the fast reactions can 
be assumed to be complete and all reactive free radical species gone from 
a sample by the time it is removed from the reaction vessel. 
Because of the importance of the spectral properties of RAs to the 
critical review of fundamental papers, the spectral properties of several 
species of interest are collected in Table 3. 
Acid-Base Properties of Free Radicals 
Dissociation constants of radical anions have been determined by the 
pH-dependence of spectral properties. These determinations will not be 
discussed here, but the pKa values are listed in Table 4. As in the 
previous table, the H02/02- equilibrium is included since O2- occurs so 
frequently as an intermediate species in oxygenated solutions. 
One other type of acid/base equilibrium is important in the 
understanding of free radical reactions. The organic radicals produced 
by hydrogen abstraction reactions frequently exhibit acidjbase properties 
which are considerably different from the parent compounds. An example 
is the hydroxyethyl radical which is produced by the abstraction of a 
hydrogen atom from ethanol (equation 19). 
(19) 
This radical has a Ka of 10.11 •5 (for a review, see Swallow, 1978) 
compared to pKa "" 10.18 for the parent compound, ethanol. This is 
significant in free radical chemistry because the ionized and 
undissociated forms of the radical react at different rates with oxygen 
to form the peroxyl radical. Perhaps even more significant is the fact 
that the peroxyl radical itself also has dissociated and undissociated 
forms which react at quite different rates to liberate superoxide, '02-, 
In the case of methanol, for example 
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Table 3. Spectral Properties of Radical Anions and Their Precursors 
Species A 
run(a) e max (b) Reference max, 
. SO-4 455 460 ± 25 Dog1iotti and Hayon (1967) 
450 ± 45 Hayon and McGarvey 
(1967) 
H2P20a·2/P20a-4/etc. 240 58.3 @ pH 3 Maruthamuthu and Neta 
68.3 @ pH 6.5 (1977) 
46.2 @ pH 10.5 
~P04' 520 1860 ± 160 Weeks and Rabani 
(1966) 
HP04- 510 1550 Maruthamuthu and Neta (1978) 
po -2. 4 530 2150 Maruthamuthu and Neta (1978) 
-
. C03 600 1800 Adams et a1. (1965) 
~02 254(c) 19.6 Baxendale and Wilson (1957) 
°2- 240 1220 Hayon and McGarvey 
(1967) 
240 1850 ± 200 Behar et a1. (1970) 
1900 ± 100 Behar and Czapski (1970) 
(a) Wavelength of absorption maximum 
(b) Extinction coefficient at Amal(' Units are cm·1 , base 10. 
(c) Not a maximum; increasing absorbance toward shorter wavelength. 
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Table 4. pK. Values of Radical Anions 
. HS04 
'~P04 
. HC03 
H02 ' 
Species 
-
"" 
. S04 
-
"" 
. HP04 
"" 
'CO-3 
= '0-2 
. °2C~OH -+ 
. °2C~0- -+ 
pKa 
Not found 
"" 
. PO/ 5.7/8.9 
5.9/10.7 
9.5 
"" 
0.3 
9.6 
"" 
0.03 
4.8 
Reference 
Maruthamuthu (1985) 
Maruthamuthu and Neta (1977) 
Chen and Hoffman (1972) 
Chen et al. (1975) 
Bielski et al. (1985) 
(20) 
(21) 
A value of ~ < 10 S·l (Bothe et; al.. 1978) has been reported, while 
reaction 21 is so fast that the base-catalyzed decomposition of 02CH20H has 
a nearly diffusion controlled rate constant (k - 1.6 X 109 M"' S·l, Bothe 
et; al., 1978). Thus, elevated pH favors the unimolecular reaction (eq. 
21) over the bimolecular reaction, which will be shown later. 
The acid/base behavior of various organic radicals is too broad a 
subject to be covered in this report. However, a review by Swallow (1978) 
is a good general introduction, and many papers of von Sonntag and 
coworkers (Bothe et al., 1978; von Sonntag, 1987 and references therein) 
deal with the details of a-hydroxyalkylperoxyl radicals such as those in 
equations 20 and 21. 
Reactions of Inorganic Radicals with Organic Compounds 
The reactions of sulfate radical anion (SRA) , phosphate radical 
anions (PRAs) , and carbonate radical anion (CRA) will be discussed in this 
section and compared with those of hydroxyl radical (OH). The reactions 
will be grouped by class of Qrganic compound, the major division being 
between I) saturated aliphatic/alicyclic compounds, II) unsaturated 
aliphatic/alicyclic compounds, and III) aromatic compounds. A later 
section will cover subsequent reaction and decay of the organic radicals 
formed from reaction of inorganic radicals with organic compounds. 
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Saturated Aliphatic/Alicyclic Compounds 
Alcohols -- The radicals OH, SRA, PRA and eRA all react with 
aliphatic alcohols by hydrogen abstraction, preferably of the 
a-hydrogen. This was confirmed in 1978 by Elbenberger et al., using 
deuterated substrate compounds. Some reactions of the resulting 
a-hydroxyalkyl radicals have already been described above (equations 
17 -19) . The fj- and -y-hydrogens react more slowly, while hydroxyl 
hydrogens are slower stil1. It was shown by Anbar et a1. (1966) that 
total rate constants for the reaction of hydroxyl radicals with many 
different aliphatic organic compounds could be calculated as a sum of rate 
constants for reaction with the individual hydrogen atoms in the compound. 
A few representative reaction rate constants are given in Table 5 for 
comparison of the rate of reaction of various radicals. In general, 
hydroxyl radical reactions are seen to be the fastest, followed by SRA and 
PRA. eRA reactions are seen to be the slowest, and in many cases, the 
products are unknown. Abstraction of fj-, etc., hydrogen atoms sometimes 
leads to a-radicals when the organic radical ,reacts with another organic 
substrate molecule. Organic oxyl radicals can lead to carbon-centered 
a-radicals by a H-atom shift. 
Carboxylic Acids -- Normal monoc~rboxy1ic acids react with OH and 
PRA by hydrogen abstraction from the chain (Maruthamuthu and Taniguchi, 
1977, equation 22) while SRA causes decarboxylation (Davies et al., 1985, 
equation 23). 
·OH + eH3eo~ 140 + . e14eo~ (22) 
· S04- + eH3eo~ -+ (23) 
Products of reaction with eRA are not known. Malonic acid, a 
dicarboxy1ic acid in which the aliphatic hydrogen atoms are somewhat 
hindered, reacts with OH to give a-hydrogen atom abstraction (equation 
24), with PRA to give a-abstraction with some decarboxylation, and with 
SRA to give mostly decarboxylation (equation 25). 
· OH + H02CC14COJi -+ (24) 
· S04- + H02ee14eo~ -+ (25) 
The organic radical found in equation 25 is the same as is produced 
from OH reaction with acetic acid. 
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Table~. Comparison of Reaction Rate Constants for Various 
Inorganic Radicals with Selected Organic Compounds(·) 
OR SRA PRA(b) 
Alcohols 
Methanol 9 x 108 1.1 x 107 4.1 x 107 5.0 
Ethanol 1.8 x lOa 3.4 X 107 7.7 X 107 1.5 
t-butano1 5 x 108 8.0 X 105 3.9 X 108 <1.6 
Acids 
Formate 3 x lOa 1.7 x 108 1.5 x 108 1.1 
Acetic 2 x 107 9 x 10" 3.4 X 105 6 
Propionic 5 x 108 4.6 X 108 4.2 X 108 
Malonic 2 x 107 5.5 X 108 1.8 X 105 
Carbon;yl 
Acetone 9 x 107 3.3 X 105 1.6 
Tetraalk;yl Ammonium Cations 
Me4N+ 6.6 x 108 9 X 10" 6 x 10"(d) 
Bu4N+ 4.9 x lOa 5.3 X 107 2.3 x 107(d) 
Unsaturated Ali~hatic 
Acrylic Acid 5.7 x 109 1.1 X 108 1. 6 X 108 
Aromatic 
Benzene 6 x 10a(e) 7 x 108(e) 3 
Phenol 10Io(e) 6 x 108(e) 2.2 
Aniline 1010(8) 6 
Tryptophane 1 x 1010(.) 2.3 x loa(e) 4 
Benzoic acid 4 x 10a(e) 1.2 x 10a(e) 2.4 x 108(e) 
(a) Maruthamuthu and Neta, 1977 
(b) ~PO,,- unless otherwise noted. Reactions of RPO,,- are 
somewhat slower. 
(c) Ross and Neta, 1979 
(d) RPO,,-
(e) Farhatiziz and Ross, 1977 
14 
CRA(e) 
X 103 
x 10" 
X 102 
x 105 
X 102 
X 102 
x 103 
x 107 
x 108 
X 108 
Carbonyl Compounds -- Hydroxyl reacts with' acetone to yield the 
acetonyl radical, 'C~COCH3' which adds oxygen with k - 3 x lOa (Zegota 
et al., 1986) to yield the tetroxide (discussed later) which decomposes 
to primarily methylglyoxal and hydroxyacetone. Since CRA also reacts by 
hydrogen abstraction (Kuz'min, 1972), it is likely that SRA and PRA do, 
as well. Hydroxyl reacts with aromatic carbonyl compounds by addition to 
the ring (Anbar et al., 1966). No information was found for reaction of 
SRA, PRA and CRA with aromatic carbonyl compounds. 
Tetraalkylammonium Cations -- Bobrowski (1980) studied the reactions 
of inorganic radicals with tetraalkylammonium cations, and found that the 
positive charge on the nitrogen atom greatly decreased the reactivities 
of a-hydrogens, as expected for electrophilic reactions. This is 
reflected in the three-order-of-magnitude differences between 
tetramethylammonium and tetrabutylammonium cations in Table 5. 
Reactivities with OH were predictable from the sum of individual hydrogen 
reactivities. 
Unsaturated Aliphatic/Alicyclic Compounds 
OH, PRA, and SRA all react with carbon-carbon double bonds by 
addition, fo~ing a carbon-centered radical, as shown in equation 26 for 
hydroxyl. 
OH 
I 
·OH + A - C C - E A - C - C - E (26) 
I I I I 
B D B D 
If group A or B is incompatible with a hydroxyl group attached to 
the same carbon, as would be, for example, a halogen atom, elimination 
and/or rearrangement may occur. This is consistent with the finding of 
Glaze et al. (1980a) that trichloroacetic acid is a major product in the 
ozone/UV treatment of tetrachloroethylene. The radicals formed by 
equation 26 also undergo rapid oxygen addition in oxygenated systems. 
Aromatic/Conjugated Compounds 
The radicals under study show even greater differences in chemical 
behavior in the presence of aromatic or conjugated systems. Hydroxyl 
radical reacts with benzene by addition (equation 27) to give a 
hydroxycyclohexadienyl (HCHD) radical while SRA and PRA function as 
one-electron oxidants (equation 28, Maruthamuthu and Neta, 1977). 
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. OH + OJ do. ( . HCHD) " . (27) lot 
·SO.-/·HPO.-+ 10 - SO//HPO/ + © (28) 
For methoxylated benzenes, reaction with OH is similar to that of 
benzene and yields the adduct hydroxycyclohexadienyl (HCHD) radical. 
However, with SRA, the radical cation is formed (O'Neill et al., 1975). 
With furan, PRA and OH both add to the ring (equations 29 and 30), while 
SRA (equation 31) undergoes electron transfer (Maruthumu, 1985). 
. OH -+ (29) 
-
(30) 
o 
'W (31) 
At high pH, a ring-scission product was also seen from reaction 29 
but not from 30. The radical cation formed in equation 31 quickly «1 
~sec) hydrolyses to the same product as is formed by OH in equation 29. 
Equivalent stable products formed by differing pathways is a recurrent 
theme in aqueous organic free radical chemistry. 
Neta et al. (1977) studied the reaction of SRA with a number of 
substituted benzenes and benzoic acids with both electron-withdrawing and 
electron-donating groups, and found rate constants in the 108 -10" M'\ s·\ 
range except for p-cyanobenzoic acid (k 3.3 X 107 M'\ s") and 
nitro-substituted benzene and benzoic acid (k SlOe M'\ S·'). All compounds 
studied appeared to react by electron transfer,. analogous to equation 28. 
Snook and Hamilton (1974) examined the reaction of twenty-six 
phenyl-substituted alcohols with OH and SRA. They found that although the 
behavior was complicated since both a-hydrogen abstraction and electron 
transfer may be operative, carbonyl compounds accounted for 70-100% of the 
products found. Eberhardt (1981) found that hydroxyl radical addition to 
benzene may be reversible, and that the radical cation formed from the 
reaction of SRAwith toluene eliminates an a'-proton to form phenylmethyl 
radical, rather than hydrolyzing as does that from benzene. The resulting 
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phenylmethyl radical then oxidatively disproportionates to benzaldehyde 
and benzyl alcohol. 
Treatment of benzoic acid, benzene polycarboxylates (Zemel and 
Fessenden, 1978), and phenylalkyl carboxylic acids (McAskill, 1982) with 
SRA resulted in decarboxylation following electron transfer from the 
ring. 
(32) 
..... (33) 
On the other hand, methoxylated benzoic acids were found by Steenken 
et a1. (1977) to form radical zwitterions, as shown in equation 34, which 
add water or hydroxide ion analogously to benzene (equation 35). 
5·~~ . SO. - SO;2 i" 6·~ (34) 
~ <...&:I .. 
®(~ ~o~ fJ+ -OH ..... 
,,0 
(35) 
(..0]" t.~~ W .. <..u", ~o .. ~o~ ©.O~ ~ .. o~ 0+ @ ..... + 19+w 
.,.0 HO 
(36) 
The resulting adduct can reduce another radical zwitterion (equation 36), 
forming stable products. 
The lack of reaction product data for eRA in the above section is 
1'}otable. The only reference found where products were discussed was 
speculative, and no actual products were identified. This general lack 
of data may be due to the fact that all of the papers found during the 
literature search are from the radiochemical literature, and radiochemists 
traditionally study very fast reactions (k ~ 10" M·' sec"). Most eRA 
reactions have k values which are smaller than 10" MO, s·'. Determination 
of reaction products from eRA reactions is an important subject which 
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deserves closer study. It is also a topic which can be investigated in 
a laboratory not equipped for pulse radiolysis. 
Fate of Organic Radicals in Aqueous Solution 
Knowledge of the rather exotic free-radical products discussed in 
the previous section is important to an understanding of the chemistry 
of oxy-radical treatment processes, since the intermediate determines the 
degradation pathway. It is also essential, however, to understand the 
fate of those radicals in aqueous solution, since they are converted, 
usually on a microsecond to millisecond timescale, to stable products. 
This is a fortunate situation for the study of the related treatment 
process chemistry, since treatment takes place at the rate at which the 
reactive species (OH, SRA, etc.) is generated, while the secondary 
reactions to form stable products are, for the most part, very fast. 
By far the most important reaction 
aqueous treatment systems is scavenging 
radicals: 
of organic 
by oxygen 
radicals 
to form 
in most 
peroxyl 
(37) 
Rate constants for these reactions are typically in the range of 2 x 109 
Mo' sec" (von Sonntag, 1987). Since a saturated aqueous oxygen solutionis 
about 3 x 10~ M, the pseudo first-order disappearance rate constant for 
radical scavenging is k[021 "" 6 x 105 Ms", so that the half-life of the 
radicals is tl/2 - (In 2) /k ... 10-6 sec 1 microsecond. Since this 
reaction is the dominant channel in organic radical disappearance. the 
fate of the peroxyl radicals thus formed is of utmost importance to the 
modeling of treatment systems such as photolytic ozonation, and is 
currently under investigation. 
Radicals resulting from addition to a single unsaturation (e, g, 
equation 26) also react with oxygen as described above, Highly conjugated 
and aromatic systems, however, either form an adquct (equation 27) as with 
hydroxyl radical, or are oxidized by electron transfer (equation 28). In 
the former case, using benzene as an example, a hydroxycyclohexadienyl 
(HCHD) radical is formed (equation 27) which can also undergo oxygen 
addition (equation 38). This HCHD peroxyl radical can then lose H02' to 
become phenol (equation 39). 
-
(38) 
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-+ (39) 
The H02 ' can disproportionate to hydrogen peroxide (equation 40) or 
react with another radical. 
2H02 ' ... (40) 
If ozone is present in solution, the reaction of ozone with 
superoxide, the conjugate base of H02 ', is very fast, and results in the 
production of hydroxyl radical (Staehelin and Hoigne, 1982, 1983). 
Disproportionation of HCHD radicals as proposed by Buxton ec al. (1986) 
probably never has a chance to occur in oxygenated systems, due to rapi~ 
scavenging of HCHD radicals by oxygen. 
Radical cations formed by reaction of SRA with benzene (equation 28) 
apparently add water, then eliminate hydrogen ion (equation 41), to also 
yield a HCHD radical (Eberhardt, 1981) which then behaves as in equation 
39. 
--~ (41) 
The reaction of radical anions with aliphatic amines was postulated 
by Elango eC al. (1985) to proceed by either electron transfer (equations 
42-44) or a-hydrogen abstraction (equations 45-46). 
RC~ + 'CO- -+ RCH~R:z + C03•2 (42) 3 
+ 
[ 0.] + 
RC~- H+ + RCHNRa ---~ RCH-N~ (43) 
+ 
-OH/H2O 
RCH-NR:z • RCHO + HNR:z (44) 
(45) 
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RCH-CHR 
x2 I I 
~ ~~ 
[ OK] -OH/~O 
~ RCH-NH ~ RCHO + ~ 
The authors identified aldehydic products which were consistent with 
either mechanism, and were thus unable to determine which was operative. 
Larson and Zepp(l987) have found N-methylaniline as a major product of 
the reaction of CRA with N,N-dimethylaniline, which is also consistent 
with either scheme, and indicates that perhaps the mechanism is similar 
for both aliphatic and aromatic amines. 
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CHAPTER 3: EXPERIMENTAL APPROACH 
Overview 
Hydroxyl radical was generated in a Continuously-sparged Stirred-Tank 
Photochemical Reactor (CSTPR) by hydrogen peroxide photolysis or by ozone 
and ultraviolet irradiation (UV). The reactor was operated in the batch 
mode with respect to the liquid phase. The model pollutant was added to 
water in the reactor either as the pure compound or as an aqueous 
concentrate. In some experiments sulfate radical anion was generated by 
photolysis of potassium peroxydisulfate (persulfate). For the scavenging 
experiments, sodium bicarbonate or other appropriate scavenger was added 
directly to the reactor and dissolved in the charge. During H202/UV 
experiments, oxygen was slowly bubbled through the reactor to maintain 
saturation. 
Samples were taken from the reactor at appropriate time intervals 
for model pollutant, oxidants, and pH determinations. The ratio of the 
disappearance rates of the model pollutant in the absence and presence of 
scavenger was determined and the relative rates compared with the value 
predicted from the kinetic model. 
Reactor System 
The photolytic ozonation system consisted of an ozone generator 
(Griffin Technics Corporation, Model GTC-O. SC), ozone manifold, and a 
CSTPR. The ozone manifold included a gas-phase ozone concentration 
monitor (PCI Ozone Corporation, West Caldwell, NJ), mass flow con-
trollers, and solenoid valves, interconnected by polytetrafluoroethylene 
(PTFE) tubing. All wetted parts were made of glass or PTFE. The only 
stainless steel parts in the system were the UV absorbance cell of the 
concentration monitor and the bodies of the mass flow controllers. This 
system is described in detail elsewhere (Peyton et al., 1987; 1988b, 
1990). Samples were withdrawn through a PTFE stopcock in the bottom of 
the reactor. 
Materials and Reagents 
All chemicals were reagent grade, and were used without further 
purification. Deionized water treated by a Barnstead Nanopure~ 
purification system (consisting of one pretreatment, one organics removal, 
and two ion exchange cartridges) was used in all experiments and reagent 
preparations. 
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Analytical Methods 
Oxidant and Inorganic Analyses 
Ozone in the aqueous phase was analyzed by the indigo method of Bader 
and Hoigne (1982), using the disulfonate rather than the trisulfonate as 
originally described by those authors. This method (hereafter called the 
HBI method) was calibrated in purified water against the iodometric method 
of Flamm (1977, "BKI" method) and checked by UV absorbance using the 
extinction coefficient of Hart et al. (1983). The iodometric method was, 
itself, calibrated by quantitative iodine liberation using excess iodide 
and standard iodate solution, prepared using dried potassium iodate as a 
primary standard. Ozone in the gas phase was measured by UV absorbance, 
with the factory calibration checked against the wet methods by absorbing 
the gas in reagent solution contained in the reactor. Complete absorption 
of the ozone was verified by the absence of ozone odor at the outlet of 
the reactor. 
Hydrogen peroxide was measured colorimetrically by complexation with 
Ti(IV) (ltTI41t method, Parker, 1928). As ozone appears to interfere 
negatively with hydrogen peroxide measurement using the TI4 method, ozone 
was quickly and vigorously sparged from solution with oxygen before 
peroxide measurements were made. Also, since the presence of phosphate 
in the sample appears to promote the formation of Ti02 when added to the 
Ti(IV) reagent, 200 ~L of concentrated HCl was added to each aliquot of 
reagent during runs in which phosphate was present. This addition of 
excess HCl appears to slow the hydrolysis of the titanium chloride complex 
and consequently the formation of the oxide. For experiments in which the 
HC03- concentration was high, enough to neutralize the HCl in the Ti(IV) 
reagent, the dilution factor of the sample was changed so as to maintain 
an excess of HCl in the· reagent. The presence of SO/- in the samples 
seemed to pose no problems in the ~02 analyses. 
Carbonatejbicarbonate analysis was done for two experiments in order 
to verify that carbonate was not being sparged out of the reaction mixture 
as CO2 during the course of the experiments. A coulometrics, Inc. Model 
5010 CO2 Coulometer and Model 5030 Carbonate Carbon apparatus was used. 
In this method, CO2 is liberated from the sample by first acidifying and 
then heating it. The CO2 is swept through a scrubber and into an 
absorption cell where it is automatically coulometrically titrated, using 
thymolphthalein as the colorimetric endpoint indicator. The titration 
endpoint is detected by a photometer set at 612 nm. 
The color development phase of the persulfate determination was 
adapted from the method of Kolthoff et al. (1946) for the determination 
of persulfate in emulsion polymerization lattices. During this phase, 
persulfate quantitatively converts Fe(II) to Fe(III), and the remaining 
excess of Fe(II) is determined colorimetrically by reaction with 
1,10-phenanthroline. A series of Fe(II) standards was prepared for each 
colorimetric determination. 
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All colorimetric analyses were performed on a Hitachi model 100-20 
single-beam spectrophotometer using matched 1.0 cm quartz cells. 
Organic Analyses 
Ethanol, t-butano1, and acetaldehyde were all quantitatively measured 
by direct aqueous inj ec tion gas chromatography, with flame ionization 
detection, using either a Chromosorb 102 or 105 column. Oven temperatures 
for ethanol/acetaldehyde and t-butano1 were 105°C and 120°C, respectively. 
Column lengths, carrier gas flow rates, etc. were not critical since 
product peaks were rarely found and when present, did not interfere with 
the analyses. 
The benzene analysis was performed by liquid-liquid microextraction 
(LLE) followed by packed-column gas chromatography. Samples were taken 
directly from the CSTPR to overfill 7 mL septum vials which were then 
capped with screw caps containing Teflon-faced silicone septa. The 
samples were extracted by first withdrawing (through the septum) and 
discarding 2 mL of sample and then adding 1 mL of a decane extraction 
solvent. Octane was added to the decane at a concentration of 
approximately 0.6 giL to serve as an internal standard. The samples were 
shaken vigorously for a minimum of 1 minute, then 2 ~L of the extract was 
injected onto a 1/8" s.s. column packed with 5% SP-2100 on 100/120 mesh 
5% SP-2100 on Supe1coport. Carrier gas was N2 at 10 mL/min. Oven 
temperature was held at 100 ° C for three minutes, then programmed at 
40°C/min to 160°C and held there for two minutes. 
Formaldehyde was determined using the chromotropic acid method of 
Houle et al. (1970), with a 1:10 dilution of sample before addition to 
reagent, in order to keep absorbances within a desirable range for 
quantitation. In this method, formaldehyde reacts quantitatively with 
chromotropic acid to give a characteristic purple color and correspondent 
absorbance at 570 nm. Formaldehyde standards were made using fresh 37% 
formaldehyde solutions (Baker Chemical Company). 
Reactor Runs 
For the photolytic oxidation experiments, organic substrates were 
added to the reactor at nominal initial concentrations of 1 mM by adding 
appropriate volumes of aqueous stock solutions of known concentration. In 
preparing these stock solutions, ethanol or t-butano1 was weighed into a 
volumetric flask containing some water and its concentration calculated 
directly using the formula weight. For formaldehyde, an excess of 
paraforma1dehyde was stirred overnight in water, and the resultant 
formaldehyde concentration was experimentally determined as described 
previously. A saturated aqueous solution of benzene was prepared by 
vigorously shaking the pure compound with water. The two phases were 
allowed to separate, and the aqueous phase was analyzed for benzene by gas 
chromatography. 
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For runs in which a solute was added, solid forms of these solutes 
were dissolved first in NanopureR water and then added to the reactor. 
Carbonate was added as NaHC03 , phosphate was added as NaiHP04'7~0 and/or 
H3P04 , and sulfate was added as N~S04 or ~S04' No pH adjustment was 
necessary for the carbonate runs, but a freshly-prepared concentrated NaOH 
solution was added dropwise to the reactor for the sulfate and phosphate 
runs to bring the initial pH up to approximately 4.0. 
For the ~02;UV and S20a·;UV experiments, aqueous stock solutions of 
~02 and ~S20a were prepared and appropriate volumes of these solutions were 
added to the reactor to give initial nominal concentrations of 1 mM after 
dilution. NanopureR water was then added to an initial volume of 8.5 L. 
Zero-time samples for oxidants, substrate, and pH were taken; while the 
UV lamps. were switched on to start the run. In the O~ runs, the 
reactor was filled (after the addition of all components in the reaction 
mixture) to 8.5 L, while the ozone generator was warmed up in advance, 
with the ozone/oxygen gas stream bypassing the reactor and going to the 
vent. Zero-time samples were taken, and the UV lamps were switched on and 
;gas flow diverted to the reactor to start. Ozone was fed to the reactor 
at 1.5% (by weight) and 1.0 LPM, while using a stirring rate of 750 rpm 
and two UV lamps. In the ~02;UV and S20a·;UV runs, oxygen was fed to the 
reactor at 0.1 LPM, using a stirring rate of 750 rpm and 3-1/2 UV lamps 
(except for the benzene experiments in which the stirring rate was 
maintained at 250 rpm to minimize sparging). In all runs, reaction 
mixture components were added to the reactor as quickly as possible in 
order to limit the extent of reactions occurring before the start of the 
experiment. Withdrawal of samples for organics, oxidants, and pH began 
immediately after irradiation/ozonation commenced. 
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CHAPTER 4: THEORETICAL KINETIC MODEL 
The basic hypothesis of this work is that it should be possible to 
determine and quantitatively predict the effect of a nontarget solute on 
the treatment efficiency of an oxy-radical treatment process by 
considering the competition between solutes for the active free radicals. 
The application of competition kinetics is appropriate since most of the 
reactions are so fast and irreversible that the thermodynamics of the 
systems is rarely important, other than ultimately determining whether a 
particular reaction is possible. 
The model assumes that the active free radical X' is formed from ~ 
by photolysis (equation 47) and reacts with target compound HR to produce 
the organic radical 'R (equation 48), the further fate of which is not 
hv 
--~ 2X' (47) 
(48) 
of interest, provided that it does not react with HR or abstract a 
hydrogen atom from somewhere to again become HR. In our system, the 
latter is a good assumption, since oxygen is always present in these 
systems, and reacts very quickly (k49 - 2 X 109 M S·l, von Sonntag, 1987) to 
yield an organic peroxyl-radical (equation 49) which quickly and 
irreversibly decomposes to products (equations 50 and 51. For a 
discussion, see Peyton et al., 1987). 
-+ (49) 
-+ ~02 + Products (50) 
-+ • O2- + Products (51) 
Radical X' can also react with the scavenger solute SH to yield 
solute radical S' (equation 52). 
X' + HS -+ XH + 'S (52) 
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However, solute radical can then react with substrate RH to give R· or 
other products (equation 53). 
S· + HR SH + ·R (53) 
This latter fact is not generally appreciated, as is evidenced by the 
lack of mention of it in the AOP literature. The common perception seems 
to be that if any scavenger is present, the efficiency of the destruction 
reaction suffers, but the chemistry of the system is unaltered, as if the 
scavenger radical S· was inert. We will show that this is not the case, 
and that many investigators who thought they were dealing with hydroxyl 
radical chemistry may actually have been observing scavenger radical 
chemistry. 
In addition to the above reactions, hydrogen peroxide was usually 
present in our reaction mixtures, so that the reactions of X· and S· with 
peroxide must also be considered. 
(54) 
(55) 
Finally, two radical-radical recombinations must be considered. 
(56) 
2S· (57) 
A reaction similar to equation 56 can also take place with the 
conjugate base of hydroperoxyl (H02 ·) radical, which is called superoxide ( • O
2
-) 
·0- + W 2 (58) 
(59) 
(60) 
The species H02 • and .02- are sufficiently unreactive with organic 
compounds (usually k S 102 Ms·', unless the organic compound is an 
oxidizing agent or. multi-ring aromatic compound, Bielski et a1., 1985) 
that in the absence of ozone they accumulate in solution to the point that 
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equations 56 and 59 are important. Similarly, if the solute is one which 
yields an unreactive radical, S', equation 57 results in the elimination 
of the accumulating radicals. In the presence of ozone, superoxide 
reacts rapidly to produce hydroxyl radical, and reactions 56 and 59 are 
unimportant. 
Rate equations were written for the species ~, X 0, HR, R', R02', 
~02' H02'/02-, and 'S, assuming that the reaction system can be described 
by equations 47-60. Steady-state assumptions were made for the 
short-lived reactive species which are unmeasurable in our laboratory: 
X 0, R 0, R02., H02 ' and . S. The resulting equations were solved for the 
rate of disappearance of organic substrate in the presence of scavenger, 
Ds - d(RH)/dt, in terms of rate constants and the concentrations of the 
measurable species ~, HR, H202 and HS. In most of our experiments hydroxyl 
radical was generated by photolysis of hydrogen peroxide, so ~ .. H202 • The 
resulting equation was 
-2Pps ~kS3[HS] 
Ds (k48 + [HR] ) (61) 
A B 
where 
A ~[~O2] + k48 [HR] + k52 [HS] , (62) 
B ~[~O21 + ~(HR] , (63) 
and P ps is the rate o·f hydrogen peroxide photolysis in the scavenger 
experiment. This corresponds to the rate of reaction 47, and is dependent 
on peroxide concentration and UV intensity. 
Similarly, the relationship was derived for the rate of disappearance 
of organic compound in the absence of scavenger, D.: 
(64) 
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where 
c (65) 
and P~ is the rate of hydrogen peroxide photolysis in the unscavenged 
experiment. 
The effect of a nontarget solute is then determined by taking a 
ratio, Ro, of the disappearance rate of the organic substrate (pollutant) 
in the presence of nontarget solute (scavenger) to that in its absence: 
Ds Pps C[HRls ~~[HSl 
(1 + ----) (66) 
P~ A[HRla 
where [HRls and [HRla denote substrate concentrations in the presence and 
absence of scavenger, respectively. Under certain conditions, equation 
66 can be further simplified. 
It is obvious that if reaction of the scavenger radical with 
substrate is very slow (i.e., if ~ in equation 66 is very small), the 
term in parentheses approaches unity. If, further, the peroxide 
photolysis rates (Pps, P~) and substrate concentrations ([HR]s. [HRla) were 
equal in the two experiments, the expression for Ro would reduce to 
C 
k52 [HS 1 
[1 + -------1 -1 (67) 
~[~021 + k48[HRl 
This approximation function has the correct behavior, since it 
indicates that as capture of radical X· by scavenger HS becomes more 
important (~[HSl term), Ro becomes smaller, i.e., scavenger has a greater 
effect on reaction rate. If [HS] is very low, Ro = 1. What happens in 
the intermediate range of [HSl is determined by the competition of HS, 
~02 and HR for radical . X. If the reaction of scavenger radical with 
substrate is faster, then Ro also depends on the reactivity of the 
scavenger radical S· with substrate, Le., the magnitude of ~, and 
equation 66 must be used. 
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As an example of how the concentration of scavenger and the value of 
~ can affect the degree of interference by the scavenger, 1<0 was 
calculated for four compounds for which values of all of the appropriate 
rate constants were available. The compounds chosen were methanol, formic 
acid (formate), phenol, and N,N-dimethyl aniline, for which ~ - 5 X 103 , 
1.4 X 105 , 1 X 107 , and 1.6 x 109 M" s", respec ti ve ly . The assumed 
scavenger was bicarbonate and substrate and peroxide concentrations were 
assumed to be 10.3 M. The results of the calculation are shown in 
Figure 1. The efficiency of methanol destruction begins to be affected 
at 10.3 M bicarbonate, .and goes to virtually zero at about 1 M bicarbonate. 
At about 2 x 10" M bicarbonate the reaction is only 50% efficient <1<0 -
0.5). This corresponds to 1200 mg/L of bicarbonate in solution. On the 
other hand, if dimethylaniline was the pollutant of interest, not even 
610,000 mg/L of bicarbonate would affect the reaction rate, according to 
the calculation. In fact, other effects would occur long before that 
concentration was reached, particularly since the solubility of sodium 
bicarbonate in water is about one-tenth of that concentration. 
The preceding calculation shows that removal of some compounds will 
be severely affected by high bicarbonate concentrations while others will 
not be affected at all. This result leads to the central objective of 
this study, which is to develop and verify a model that is capable of 
quantitatively predicting this effect. In order to verify the usefulness 
of the above-derived kinetic model for predicting the effect of various 
solutes on reaction efficiency, experiments were conducted at varying 
scavenger concentrations, and the resulting data compared with calculated 
curves such as those shown in Figure 1. These experiments and their 
results are presented and discussed in the following sections. 
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CHAPTER 5: RESULTS 
The photolytic oxidation systems of peroxidejUV. persulfatejUV. and 
ozonejUV were studied in order to determine the effect that the presence 
of bicarbonate. sulfate. and phosphate ions had on the treatment 
efficiencies of a variety of substrates treated by these oxidative 
systems. Where observation of the effect on hydroxyl radical was desired, 
the ~02jUV system was used because of its simplicity. In some cases 
ozonejUV experiments were run on the same systems as peroxidejUV 
experiments,' to assess the usefulness of the model in predicting 0:JUV 
results. Substrates. solutes and their concentrations. and treatment 
methods used in this project are listed in Table 6. 
Table 6. Experiments Conducted 
System Substrate Solute Cone. (M) No. experiments 
~02/UV None Bicarbonate .010 1 
~02/UV None Bicarbonate .100 1 
~02/UV Ethanol Bicarbonate .0045-.500 4 
~02/UV t-Butanol Bicarbonate .010-.500 4 
~02/UV Formaldehyde Bicarbonate .010-.400 9 
~02jUV Formaldehyde Sulfate .100 2 
~02/UV Formaldehyde Phosphate .100 1 
~02/UV Formaldehyde Bicarbonate .050 1 
+Sulfate .001 
~02/UV Benzene Bicarbonate .025-.500 6 
~02/UV Benzene Bicarbonate .050 , .L 
+Sulfate .001 
°afUV Ethanol Bicarbonate .050-.500 3 
03f'UV Ethanol Sulfate .100 1 
03f'UV t-Butanol Bicarbonate .010';.,.500 3 
03f'UV t-Butanol Sulfate .100 1 
03f'UV t-Butanol Phosphate .100 1 
S20e-jUV Benzene Bicarbonate .100 3 
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Graphic Representation of Experimental Results 
The reactor charge was prepared by dissolving neat compound or adding 
an aqueous concentrate to purified water in the reactor. This procedure 
led to a solution of substrate, the concentration of which was nominally 
1 mM (10.3 moles/L). Preparation of the solutions in this manner sometimes 
gave initial substrate concentrations which were dissimilar within a 
series of runs. Since the quantity of interest in the following section 
will be the initial reaction rate, the quantity C-Co has been plotted 
versus time in series of experiments where initial concentrations differ 
appreciably. C is the concentration of substrate at time t, and Co is the 
initial concentration. This causes all curves to pass through C-Co - 0 at 
t 0, and it is therefore easier to visually determine whether 
disappearance curves overlap in the early part of experiment. 
Choice of Substrates 
The substrates ethanol, t-butanol, formaldehyde and benzene were 
chosen as representative of several classes of compounds. A major factor 
in choosing ethanol, t-butanol, and benzene was that all of the required 
rate constants were already in the published literature. Ethanol is an 
example of a "superoxide producer", "promoter" in Hoigne's (Staehelin and 
Hoigne, 1985) terminology, with a relatively low CRA rate constant (k -
1.5 X 104 M·t S·I, Neta et: al.. 1988). The term "superoxide producer" was 
originated during an early 03/UV study (Peyton et: al., 1987), and is more 
specific than "promoter." Since superoxide reacts quickly with ozone to 
produce hydroxyl radical, a compound which produces superoxide upon 
reaction with hydroxyl radical is capable of sustaining the chain reaction 
responsible for organic compound destruction. In the ~02/UV system (no 
ozone), superoxide merely disproportionates to regenerate hydrogen 
peroxide and thus acts similarly to a "peroxide producer," a compound 
which produces hydrogen peroxide upon reaction with hydroxyl radical. For 
a superoxide producer, therefore, there is quite a difference in behavior 
in the ozone/UV and ~02/UV systems. Ethanol was selected as the test 
compound for comparison of solute effects in those two reaction systems. 
Formaldehyde, like ethanol, is a superoxide producer, and can be 
quickly and easily quantitated in aqueous solution by a colorimetric 
method which is free from interference by reaction products. The compound 
t-butano1, on the other hand, is primarily a peroxide-producer and has 
been studied extensively in a previous project (Peyton et: al., 1987). 
Benzene was chosen as an example of an aromatic compound. It is known to 
produce some superoxide and may produce some peroxide as well (von 
Sonntag, 1988). For certain substrates that can act as an electron donor, 
CRA can react by electron-transfer. Benzene was also chosen as a possible 
candidate for an electron transfer reaction. The reactions of ethanol and 
t-butanol are almost surely not electron transfer reactions. 
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Qxy·Radical Generation by Peroxy·Bond Photolysis 
The mechanistic pathways of the Advanced Oxidation Processes (AOPs) 
have been elucidated by Peyton and coworkers (1987), based on the work of 
Staehelin and Hoigne (1982, 1983) and others. The mechanism, which 
unifies the ozone/UV, ozone/peroxide and peroxidejUV processes, is shown 
in Figure 2. This mechanism and its consequences are discussed in detail 
elsewhere (Peyton et al. 1987, 1988b, Peyton 1988a, 1988b). To apply the 
general mechanism shown in Figure 2 to, for example, peroxide/UV, one 
ignores all reactions which involve ozone. In this system reactions 56 and 
59 should be included in Figure 2 since there is rio ozone present to react 
with superoxide. These reactions were omitted from the diagram in Figure 
2 since they are unimportant in the ozone/UV and ozone/peroxide systems. 
(56' ) 
(59' ) 
It is desirable to first study the solute effects in the least 
complicated system possible, then to apply those results to more 
complicated systems. Photolysis of the oxygen-oxygen bond in a compound 
such as hydrogen peroxide or potassium peroxydisu1fate is the most direct 
method of generation of oxy-radica1s. This method usually results in the 
least complicated reaction systems, provided that 1) the reaction rate of 
the substrate with the parent peroxy-compound is negligible, and 2) the 
substrate is not subject to significant photolysis at the wavelength and 
intensity employed for radical generation. Most of the experiments 
performed during this proj ect employed hydrogen peroxide photolysis as the 
means of hydroxyl radical generation (Table 6). 
This procedure permitted study of the effect of solutes on the 
efficiency of hydroxyl radical reactions, without the complications 
introduced by the presence of other active species such as ozone. In 
subsequent experiments, described below, the effect of solutes on 03/UV 
efficiency was studied and compared with the results from ~02/UV 
experiments, in order to sort out the complications introduced in the 
O~ system by the presence of ozone. 
In this set of experiments, the ethanol disappearance rate decreased 
steadily with increasing bicarbonate concentration, as shown in Figure 3. 
The rate, averaged over the first 10 minutes of the run, was 4.63 x 10.5 
M/min for the control, and fell to 8.70 x 10~ M/min for the run with a 
bicarbonate concentration of 0.5 M. Thus, the disappearance rate for 
ethano1.in the 0.5 M bicarbonate run was approximately 19% of that of the 
control. The hydrogen peroxide profiles during these experiments behaved 
in the opposite manner, as shown in Figure 4. The peroxide disappearance 
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Figure 2. Reaction pathways in the Advanced Oxidation Processes. 
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rate increased with increasing bicarbonate concentration, with the 
disappearance curve for the control exhibiting a noticeable sigmoid 
(convex-concave) shape in the curve. Curves from successive experiments 
gradually become smoother with increasing bicarbonate concentration, until 
the curves become concave upward from the beginning of the run. The 
average peroxide disappearance rate, calculated by 6C/6t, over the first 
10 minutes of the run increased from 9.57 X 10-6 mol, L"/min to 3.75 X 10-5 
mol'L-'/min from the control run to the 0.5 M bicarbonate run (an 
approximate four-fold increase). Acetaldehyde was a reaction product that 
was tentatively identified Py its retention time in the gas chromatogram. 
The acetaldehyde concentration appeared to increase more rapidly and 
attained a higher concentration in runs with intermediate bicarbonate 
concentrations, but dropped off at higher bicarbonate concentrations (data 
not shown). In all cases, the acetaldehyde disappearance rates decreased 
with increasing bicarbonate concentrations. The pH values for the control 
run remained at approximately 4.0, whereas those for the other runs in 
this set hovered between 7.5 and 8.5 due to the buffering effect of the' 
bicarbonate. 
As in the previous set of experiments, Figure 5 shows that the 
t-butanol disappearance rate also decreased with increasing bicarbonate 
concentration until, at 0.5 M bicarbonate, the disappearance rate over the 
first 10 minutes of the run was only about 5% that of the control (1.84 
x 10-6 mol'L-'/min vs. 3.54 X 10-5 mol'L-'/min, respectively). This 
represents a considerably greater solute effect than was seen for ethanol 
at the same bicarbonate concentration (Figure 3). In this series of 
experiments, the t-butanol concentrations varied considerably, so that if 
C vs. t were plotted, the disappearance curves would not all begin at the 
same y-intercept. Therefore, on this and some other plots, the quantity 
C-Co is plotted instead, to facilitate visual comparison of the relative 
disappearance rates. Figure 6 shows that the peroxide disappearance 
curves again behave in the opposite manner, with rates increasing from 
7.88 X 10-6 mol, L"/min in the control to 5.39 X lO-s mol, L"/min in the 0.5 
M bicarbonate run (an approximate seven-fold increase). All peroxide 
disappearance curves are concave upward from the beginning. Although it 
is not obvious from the initial rate data, a wider range of peroxide 
disappearance rates is seen for t-butanol than was observed for ethanol 
(Figure 4). The pH in the control run shifted to approximately 4.0 within 
the first 10 minutes of the experiment, and gradually moved downward to 
a value of about 3.4. The pH values in the experiments with bicarbonate 
present again remained between 7.5 and 8.5 for the duration of the run. 
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Figure 7 shows clearly that for the peroxidejUV treatment of 
formaldehyde, increasing concentrations of bicarbonate again resulted in 
decreasing substrate disappearance rates. The formaldehyde disappearance 
rate was 5.02 X 10-6 mol·L·1/min in the 0.3 M bicarbonate run relative to 
3.64 X 10-5 mol' L,l/min in the control, or about 14%. As in Figure 5, C-Co 
rather than C is plotted versus time, because of the variation in Co 
between experiments. 
The peroxide disappearance curves are quite interesting and are shown 
in Figure 8. The control run exhibits a feature resembling an induction 
period in the peroxide disappearance curve that is indicative of a very 
slow disappearance rate that lasts until approximately 30 minutes into the 
run. By this time the formaldehyde was approximately 83% removed and the 
peroxide disappearance rate increased sharply. Each successively higher 
bicarbonate concentration resulted in a faster initial peroxide 
disappearance rate, from 4.48 x 10-6 mol'L,l/min in the control to 4.23 x 
10,5 mol'L'l/min in the 0.3 M bicarbonate run (an approximate 9.5-fold 
increase) . Thus, the initial plateau that occurred in the control 
gradually smoothes in each successive run until the disappearance curves 
are concave upward from the beginning. The pH values for the control 
remained between 4.2 and 5.2, and between approximately 7.5 and 8.5 for 
the runs with bicarbonate present. 
The addition of 0.001 M sulfate to 0.05 M bicarbonate made no 
difference in the disappearance rate of peroxide relative to the 0.05 M 
bicarbonate run (as seen in Figure 8), and the slight difference in 
disappearance rate for formaldehyde (as seen in Figure 7) is probably 
within experimental error of that observed in the 0.05 M bicarbonate run. 
Figure 9 shows that the disappearance rate of formaldehyde in the 
0.10 M phosphate experiment was slightly slower over the first 10 minutes 
of the run than that of the control, but the two curves appear to be 
within experimental error of being the same. The disappearance rate of 
formaldehyde in the 0.10 M sulfate run (also shown in Figure 9) was 
approximately 30% slower relative to the control over the same time span, 
and is probably not within experimental error of the other two curves. 
Figure 10 shows that the disappearance curves for peroxide in the three 
runs are very similar up until such time as roughly 90% of the 
formaldehyde is destroyed in each run. At that point, which occurred at 
approximately 32 minutes in the control run and at about 40 minutes in the 
phosphate and sulfate runs, the peroxide disappearance curves turned 
sharply downward and the rates increased dramatically. The maximum rates 
were roughly equal in the control and the sulfate runs and were somewhat 
slower in the phosphate experiment. The pH values remained between 3.90 
and 4.20 for the phosphate and sulfate runs. 
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As Figure 11 indicates, the disappearance rates of benzene through 
out the experiments in which bicarbonate was present remained remarkably 
similar to that in the control, especially over the first 10 minutes of 
the run. Several of the curves appear to be within experimental error of 
being the same, within the scatter seen in the analytical data. There 
appears to be a slight trend towards lower reaction rate as the 
bicarbonate concentration increases. Figure 12, however, shows that there 
were discernible differences in the peroxide disappearance rates, with the 
runs in which bicarbonate was present having faster rates than the 
controls. Still, no clear trend exists amongst the runs with increasing 
bicarbonate concentrations. A phenomenon worth noting, however, is the 
fact that as the reaction proceeded, an absorbance at A - 415 developed. 
The addition of 0.05 M bicarbonate slowed the development of that 
absorbance at times greater than 10 minutes, while addition of 0.5 M 
bicarbonate greatly reduced the absorbance from the beginning of the 
experiment (Figure 13). In the control the UV absorbance (415 nm) of the 
reaction mixture at G/Go ... 0.5 (for benzene) was approximately .031, 
whereas it was only about 0.0075 for the 0.5 M bicarbonate run. This 
occurs at the 25-30 minute region in Figure 13. The absorbance at 415 nm 
may be due to a reaction by-product. The pH values for the control 
shifted from 8.8 down to 5.6 during the course of the run, but the values 
for the runs in which bicarbonate was present remain between 8.2 and 8.6. 
The addition of 0.001 M S042- to the 0.05 M bicarbonate run made no 
difference in either the benzene or the peroxide disappearance rates 
relative to those in the run with only 0.05 M bicarbonate present. 
Results for the persulfate/UV/benzene system were similar to those 
for the peroxide/UV/benzene system. As shown in Figure 14, the addition 
of 0.10 M bicarbonate to the system made little or no difference in the 
benzene disappearance rate. The persulfate disappearance rate (data not 
shown) was actually slightly slower in the run with bicarbonate present 
than it was in the control (approximately 15% slower - 1.31 X 10.5 
mol·L·1/min relative to 1.53 X 10.5 mol· L'l /min for the control). The pH 
values for the control moved from 4.6 to 3.0 during the run, while those 
for the bicarbonate runs remained between 8.5 and 8.7. 
Photolytic Ozonation Experiments 
OzonejUV experiments were performed on t-butanol and ethanol 
(peroxide producer and superoxide producer, respectively) for comparison 
with the pure oxy-radical results presented in the previous section. 
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For this set of experiments, Figure 15 clearly shows that the 
disappearance rate of t-butanol decreased with increasing bicarbonate 
concentration. The t-butanol disappearance rate of 4.80 x 10-6 mol, L-'/min 
in the 0.50 M bicarbonate run was approximately 24% of that for the 
control (2.02 x 10-5 mol, L-'/min) . Figure 16 shows that this difference 
cannot be related to differences in the utilized ozone dose, Du ' the amount 
of ozone used (i.e., removed from the gas stream). All of the Du values 
for the runs in which bicarbonate was present were very similar to each 
other and to the control, with no clear trend being evident. Figure 17, 
however, shows that there is a great deal of difference in the peroxide 
accumulation curves for the bicarbonate runs relative to the control. The 
peroxide concentration reached a maximum value of about 0.76 roM at 31 
minutes in the control, whereas the highest peroxide concentration seen 
in the runs with bicarbonate present was 0.006 roM, which occurred at about 
32 minutes in the 0.01 M run. The pH values for the control started at 
6.5 and moved down to 3.3, whereas those for the runs with bicarbonate 
present remained between 8.2 and 9.2. 
Figure 18 shows that the addition of either 0.10 M phosphate or 0.10 
M sulfate to the O~/t-butanol system seemed simply to cause a slight 
delay in the t-butanol disappearance. That is, in the control experiment, 
the disappearance curve is approximately linear at the beginning of the 
experiment, while the sulfate and phosphate data both show a period of 
slower reaction rate that lasts about 17 minutes. At that time those 
curves turn downward and the disappearance rates increase to values that 
are very similar to that of the control. These features seem to simply 
offset the sulfate and phosphate curves from that of the control. The Du 
values were, however, slightly higher for both the phosphate and the 
sulfate runs relative to the control (Figure 16). The peroxide 
accumulation curves (Figure 17) show also that the maximum peroxide 
concentrations for these runs were lower at about 0.61 roM (roughly 80%) 
for the sulfate run and about 0.56 roM (roughly 74%) for the phosphate run 
relative to 0.76 roM for the control. The disappearance rates for all of 
the peroxide curves appear very similar. The pH values for the phosphate 
and sulfate runs were maintained between 3.7 and 4.2. 
Figure 19 shows that increasing the bicarbonate concentration in 
these experiments decreased the substrate disappearance rate, though much 
less dramatically than was observed in the ozonefUV/t-butanol experiments. 
In this case, the rate for the 0.50 M bicarbonate run was 1.16 x 10-5 
mol'L-'/min over the first 10 minutes of the run relative to 2.07 X 10-5 
mol'L"/min for the control, or about 56%. Also as in the previous 
ozonefUV experiments, the Du values for the bicarbonate runs were similar 
to those for the control, with no clear trend being present (Figure 20). 
Figure 21 shows that the peroxide accumulation curves for the bicarbonate 
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runs are quite different from that for the control, but again similar to 
those found for t-butanol. A maximum concentration of 0.42 roM was reached 
at 53 minutes in the control, whereas the maximum peroxide concentration 
for the bicarbonate runs never exceeded .003 roM. The pH values for the 
control moved from 5.3 down to 3.8, while those for the runs with 
bicarbonate present remained between 8.2 and 8.9. 
Figure 22 shows that the ethanol disappearance rate in the presence 
of 0.10 M sulfate was actually faster than it was in the control by about 
46% (3.02 x 10-5 mol·L·'/min for the sulfate run compared t·o 2.07 X 10-5 
mol·L·'/min for the control). Both curves exhibit less tailing than was 
seen in the H202/UV experiments (Figure 3). Figure 20 shows, however, 
that Du for the run with sulfate present was approximately 23% higher than 
Du for the control, and Figure 21 shows that the peroxide accumulation rate 
was also slightly faster in the run with sulfate present (although the 
maximum peroxide concentrations attained were nearly equal). The pH values 
for the sulfate run remained between 3.9 and 4.2. 
H20 2/UV Experiments with Chloride as the Added Solute 
As discussed in Chapter 2, there was little indication from the 
literature that chloride would participate in tile free-radical reactions 
of interest. No published report of such an effect was found. One 
investigator communicated that he had looked for effects of added 
chloride in the destruction of trichloro- and tetrachloroethylene, and 
had found no effect (W. H. Glaze, 1989). Based on this information, 
chloride was eliminated from the list of candidate solutes for study. 
Late in the project, this decision was reexamined, largely due to the 
magnitude of the rate constant k, - 107 - 10'0 M·' s" (Chapter 1). Two 
additional H202/UV experiments were run, one with ethanol and one with 
benzene as the substrate. 
Figure 23 shows the ethanol and peroxide disappearance curves for 
the chloride experiment ([Cl-] - 0.1 M, added as sodium chloride) and the 
corresponding control. Very little difference is seen between the two 
ethanol disappearance curves in Figure 23. Peroxide disappearance slows 
slightly upon addition of sulfate. 
On the other hand, the addition of chloride made a detectable 
difference in the behavior of the benzene/~02/UV system, as can be seen 
from Figure 24. The benzene disappearance rate is somewhat faster in the 
system with added chloride. The peroxide disappearance rate was 
essentially the same in the two experiments (data not shown). The 
evidence that chloride actually participates chemically (as opposed to 
physically) in the system is the pH data, shown in Figure 25 as the 
calculated hydrogen ion concentration. Despite the inaccuracies involved 
in calculating [H+] from pH, the acidity can be seen to behave quite 
differently in the absence and presence of chloride, indicating a 
difference in chemistry. Further evidence for a difference is provided 
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by the development of the absorbance at A - 415 nm which is characteristic 
of the benzene oxidations, and was shown in Figure 13. If the absorbance 
is taken to be representative of some product of benzene oxidation, then 
the ratio of A~'5 to benzene destroyed should be constant if no change of 
chemistry or stoichiometry occurs. Figure 26 shows A~,rlll benzene plotted 
as a function of reaction time. Clearly, there is considerably less of 
the product which absorbs at A - 415 nm formed per amount of benzene 
destroyed when chloride is present in solution. This effect was also 
observed upon addition of bicarbonate to the reaction mixture, as 
described earlier. 
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CHAPTER 6: DISCUSSION OF LABORATORY RESULTS 
The primary goal of this study was to attain a better understanding 
of the effects of nontarget solutes on treatment reaction efficiency so 
that those effects could be quantitatively predicted from a simple, but 
general, kinetic model. Therefore, the results presented in the previous 
chapter will be discussed within the framework of the kinetic model which 
was hypothesized in Chapter 4. In all cases, literature values for the 
rate constants have been used in the calculations. Except for a few 
unusually well-studied substrates, various reported values of the rate 
constant for free radical reactions rarely agree better than a factor of 
1.5 to 2, so very precise agreement of experimental results with 
calculated values cannot necessarily be expected. 
Substrates Studied 
Ethanol 
The data shown in Figures 3 and 4 were used in equation 66 to 
calculate the effect of bicarbonate on the efficiency of ethanol 
destruction. In order to avoid interference from reaction by-products, 
only rate data from the first 10 minutes of the run was used. Because of 
the difficulty of obtaining accurate values of the slopes of the 
disappearance curves, the observed disappearance rates were calculated as 
IJ. substrate/ll. time for ll. t - 10 minutes. Since the concentrations of 
hydrogen peroxide and ethanol are used in equation 66 to calculate the 
theoretically predicted rates, the concentrations at t - 5 minutes were 
used as the average concentrations during the ten-minute period. In most 
cases, this is a very good approximation since the disappearance curves 
are approximately linear during the early part of the run. 
The calculated efficiency curve and experimental values are compared 
in Figure 27. Agreement between the calculated and experimental values 
for ~02fUV treatment is seen to be quite good, given the uncertainties in 
the rate constants. Also shown are points calculated using the 
approximation given in equation 67. This approximation is seen to agree 
well with the more exact expression in equation 66, but this agreement 
must be checked or justified for each substrate/solute pair and set of 
conditions. Comparison of Figure 27 with Figure 1 shows that the curve 
for ethanol falls in between the curves for methanol and formate. This 
is to be expected since the ~ values for methanol, ethanol, and formate 
are 5 x 103 , 1.5 X 104 , and 1.4 x 105 M" s", respectively. 
The ethanol disappearance curves in Figure 3 appear very much as 
expected. The peroxide disappearance curves (Figure 4) are more difficult 
to interpret. Hydroxyl radical attack on ethanol is known to produce 
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primarily a-hydroxyethyl radical. After this radical reacts with oxygen, 
the resulting peroxyl-radical would be expected to lose O2- and H+ very 
easily to yield acetaldehyde. Indeed, acetaldehyde was detected as the 
only early oxidation product. This reaction has been used for preparing 
superoxide in the laboratory (Bielski and Arudi, 1983). Superoxide 
should then disproportionate to yield hydrogen peroxide. If that reaction 
proceeded with 100% efficiency, there should be no peroxide decrease, 
since all of the peroxide which was used should be regenerated. Figure 
4 shows that this is not the case, implying a reaction of superoxide with 
some other species or some other reaction such as ,8-attack of OH on 
ethanol. Either of these possibilities would prevent the complete 
regeneration of photolyzed peroxide. Bothe et al. (1983) give the rate 
constant kss "" 107 M" s" for the reaction of H02/02- with the ethanol 
a-peroxyl radical. These authors report acetic acid as the product of 
this reaction. • 
(68) 
The data for the control experiment in Figure 4 indicate that about 
50% of the peroxide is regenerated, but product data indicate almost total 
conversion of ethanol to acetaldehyde, not acetic acid, since the initial 
buildup rate of acetaldehyde is about 4 x 10.5 M min"' compared to the 4.6 
X 10.5 M min"' disappearance rate of ethanol. Thus, equation 68 does not 
explain our data. 
The rate ratios, Ro, calculated from the rate data from the ozonefUV 
experiments on ethanol, shown in Figure 19, were plotted in Figure 27 for 
comparison with the peroxidefUV data. The data are seen to fall at 
bicarbonate concentrations which are a factor of 5-6 higher than for the 
peroxidefUV experiments with similar efficiencies. That is, the 
bicarbonate concentration must be 5-6 times higher in ozonefUV treatment 
than in peroxidefUV to similarly affect 'the treatment efficiency. The 
bicarbonate concentration was raised to 0.056 M (3,400 mg/L) before any 
effect was seen and to 0.14 M (8,600 mg/L) before the efficiency was 
lowered by 20%. The utilized ozone dose, Du ' only changed by 8% in going 
from the control to 0.5 M HC03-. The reason for the difference in the 
response of the efficiencies to bicarbonate concentration in the ozonefUV 
system as compared to peroxidefUV is presently unknown, but the following 
explanation seems consistent with the data. 
Figure 21 shows that peroxide accumulation occurs from the beginning 
of the ozonefUV /ethano1 control experiments. Peroxide should not be 
produced in appreciable quantities from ethanol peroxyl radical except by 
disproportionation of . 02·/H02· produced by the breakup of that peroxyl 
radical. This reaction does not occur in ozonation systems since ·02' is 
quickly scavenged by ozone. Peroxide can be produced from hydroxyl 
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and O,jUV treatment. Ordinate is ratio of destruction rate with scavenger 
present to that with scavenger absent. Range bars show relative ozone 
doses utilized in scavenged and unscavenged O,/UV experiments. 
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eq. 
eq. 
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radical attack on the first product, acetaldehyde, but buildup in Figure 
21 is too rapid to be accounted for by that process. We thus conclude 
that initial peroxide buildup in Figure 21 is due to ozone photolysis. 
This is consistent with the fact that the utilized ozone dose rate is 
initially Du - 4.5 X 10.5 M min", while the disappearance rate of ethanol 
(03 + O2- ..... OH, followed by OH + EtOH ..... acetaldehyde) is 2.1 X 10.5 M 
min-'. The only other known major sink of ozone is photolysis, which 
produces hydrogen peroxide. The peroxide accumulation rate is initially 
1. 7 x 10-5 M min", so that the sum of ozone photolysis (L e., peroxide 
accumulation) and ozone reaction with superoxide (i.e., ethanol 
disappearance) is slightly less than the amount of ozone transferred into 
solution. From the point of view of ethanol removal, the ozone which is 
photolyzed to peroxide is essentially unused (or perhaps more precisely, 
put in reserve) during the first 10 minutes. Addition of bicarbonate 
causes some of the hydroxyl to be scavenged, and the carbonate radical 
anion (CRA 0: • C03-) formed subsequently reacts with peroxide to yield 
superoxide by reactions 69 and 58. 
(69) 
Since the reaction of superoxide with ozone to form hydroxyl radical 
is very fast, ozone is removed from solution by that reaction before it 
can photolyze (unproductive1y) to hydrogen peroxide. Thus, while the 
overall ozone dose transferred out of the gas phase does not change 
appreciably (see Figure 20), the ozone which is transferred is used to 
make hydroxyl radical rather than hydrogen peroxide. 
This is shown in Figure 28, where in the unscavenged system (Figure 
28a) some fraction f1 of the ozone dose is converted by photolysis to 
hydrogen peroxide, while the balance f2 reacts with superoxide to form 
hydroxyl radical. In the scavenged system (Figure 28b) some fraction f5 
of the hydroxyl radical reacts with bicarbonate to produce CRA, which 
reacts with peroxide to form superoxide (f7) , which quickly reacts with 
ozone to regenerate the hydroxyl radical that reacted with bicarbonate. 
In effect, the scavenged radicals are regenerated from the "reserve" 
hydrogen peroxide and additional ozone. No decrease in rate is seen, 
since additional ozone!superoxide reaction reduces the available ozone 
concentration and thus the ozone photolysis rate. Once the peroxide 
reserve is used up, however, scavenged radicals cannot be replaced, and 
the efficiency drops. Figure 27 indicates that this occurs at about 
0.05 M bicarbonate, which was fortuitously the lowest bicarbonate 
concentration used in these studies. This value is expected to change 
with UV intensity, since the relative values of f3 and f. (Figure 28b) will 
change. 
It is important to note that although the initial ethanol 
disappearance rate did not change upon the addition of 0.05 M bicarbonate, 
the ozone utilization efficiency did. This is indicated, for example, by 
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Figure 28. Reaction pathways in the ozone/UV/ethanol system. 
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the amount of ozone required to reduce ethanol to 50% and 30% of its 
original value. The efficiency values in Table 7 were calculated from 
the data in Figures 19 and 20" from the equation 
6. Ethano1/6. Du (70) 
These values imply that more ozone was used to achieve the same amount of 
ethanol destruction in the solutions which contained increasing amounts 
of bicarbonate. When e for a scavenger run is divided by e control, a 
value is obtained which can be thought of as the ozonejUV analog of Ro. 
When plotted with the other Ro values in Figure 27, these 
efficiency-calculated values bracket or lie remarkably close to the 
calculated line for the lower bicarbonate concentrations, but the highest 
value ([HC03-] - 0.5 M) deviates to greater e than predicted. Since the 
parent compound is 50- 70% removed by this point, participation of products 
is likely, and there may well be an additional effect due to a later 
product. 
The effect of sulfate on ethanol destruction by ozonejUV (Figure 22) 
is quite interesting. A 46% increase in the rate is seen upon the 
addition of 0.1 M sulfate. The sum of the initial ethanol reaction rate 
(3.2 x 10.5 M min·1 ) and the peroxide accumulation rate (1.7 x 10.5 M min·1 ) 
is still less than the utilized ozone dose. Du - 5.4 X 10.5 M min·1 • The 
utilized ozone dose is 20% larger than in the unscavenged experiment, 
indicating that a fast reaction with ozone is aiding mass transfer. This 
reaction is undoubtedly 03 + . O2-, Comparing the reaction rate to the dose 
rate gives the number of molecules destroyed per ozone molecule used. 
This quantity is similar to the quantity e, calculated earlier. Those 
values are 0.47 and 0.59 for the control and "scavenged" experiments, 
respectively, indicating that the "scavenged" experiment is actually more 
ozone-efficient as well as faster. One key to understanding this system 
is that the initial peroxide accumulation rate is the same in both 
experiments. Therefore, a smaller percentage of the total ozone dose is 
converted to peroxide in the scavenged case, hence the greater ozone 
efficiency. The ozone efficiency of the sulfate system was only 12% 
better even though mass transfer (Du) was 20% better and the reaction rate 
46% faster. Rabani et al. (1974) have reported rate constants for the 
decomposition of the hydroxymethylperoxy1 radical (the radical formed 
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Table 7. Efficiency of O,/UV Destruction of 
Ethanol in the Presence of Bicarbonate 
Time required Required ~EtOH ! 
Bicarbonate for N% destruction ozone ! = R f • 
concentration, M of ethanol, tr. dose<I), Du(tr.) Du(tr.) !control 
N = 50% 
0 25 min 1.05 x 10-3 M 0.48 1.00 
0.05 29 min 1.22 x 10-3 M 0.43 0.90 
0.10 35 min 1.76 x 10-3 M 0.28 0.58 
0.50 42 min 1.94 x 10-3 M 0.24 0.50 
N= 70% 
0 36 min 1.55 x 10-3 M 0.45 1.00 
0.05 52 min 2.52 x 10-3 M 0.28 0.62 
0.10 59 min 2.82 x 10-3 M 0.25 0.55 
0.50 65 min 3.06 x 10-3 M 0.23 0.51 
(a) Du(t50) or Du(t,o), obtained from Figure 20. 
from methanol plus hydroxyl in oxygenated solution) which indicate that 
decomposition of that radical is very fast once a proton is removed, 
i.e., reaction 71 is very fast while reaction 72 is quite slow (k71 - 50 
S·I, Bothe et al., 1<n < 3 S·1, Ilan et al.). 
(71) 
(72) 
In measuring these rates, Rabani et a1. found that the reaction of 
phosphate ion with hydroxylmethylperoxyl radical (HMP) (eq. 73, k7a - 2 
X 108 M·1 s·') was sufficiently fast to catalyze the reaction at pH values 
low enough that the reaction of HMP with hydroxide (eq. 74, k7 .. -1.8 x 1010 
M·I S·I) was unimportant. 
. 02C~O- + ~PO~­
'02C~O- + ~O 
71 
(73) 
(74) 
In our earlier work (Peyton et a1., 1987) we found that the presence 
of phosphate could accelerate the destruction of methanol by 03/UV. This 
effect. which is simply ionic catalysis, rather than a free-radical 
reaction, is apparently what is occurring in the presence of sulfate ion 
in the present experiment. It should only cause an appreciable effect for 
superoxide-producers and not for peroxide-producers. 
It should be noted that a bimolecular reaction of HMP also occurs 
(~5 - 2.1 X 109 Ms·', Bothe and Schulte-Frohlinde, 1978; ~5 - 3 X 108 M 
s·', Ilan et a1., 1976). 
Products (75) 
Reactions of this type are thought to proceed through a tetroxide and 
generally produce hydrogen peroxide. Bothe et a1. (1983) have reported 
that the bimolecular decay of the ethanol peroxyl radical yields only 
about 10% hydrogen peroxide and is much slower than the unimolecu1ar 
(superoxide-producing) reaction except at low pH and high radical 
generation rate. For HMP in a steady-state situation, equation 76 holds, 
so that only at low pH and very high radical generation rates does the 
HMP concentration become high enough that the second order process is 
important. 
d [HMP] 
o 
dt 
Rg 
(rate of 
radical 
generation) 
(76) 
The similarity in peroxide accumulation rates in Figure 21 also 
supports the idea that this peroxide accumulation is due to ozone 
photolysis. If peroxide were formed by a side reaction of organic 
products, its formation rate would be expected to change as the ethanol 
destruction rate changed. 
t-Butanol 
The effect of bicarbonate on the disappearance of t-butano1 in the 
1402/UV system is shown in Figure 29. Although the curve has the corre.ct 
shape, coincidence of the experimental and calculated curves is only fair. 
The reason for the lack of close agreement between the two curves is not 
specifically known, but it should be recalled that equation 66 requires 
input of five different rate constants from the literature, in addition 
to five experimentally measured concentrations. It has been thought that 
t-butanol is primarily a peroxide-producer. Howeve·r, the peroxide 
disappearance curve shown in Figure 6 indicates that only approximately 
72 
1. 0 ~-----ooC' ..... -i . 
0.8 
0:.0 0.6 
0.2 
o 
. 
. 
\ 
• , 
• 
o 
Bicarbonate Concentration (molar) 
Theoretical 
1 10 
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60% of the peroxide photolyzed is regenerated in the control. The fact 
that the experimental curve falls to the right of the calculated curve 
indicates that some unknown processes are operative which improve the 
efficiency of the reaction, and the calculated curve can be considered a 
lower bound to the efficiency. 
Schuchmann and von Sonntag (1979) have studied the pulse radiolysis 
of t-butanol in aqueous solution, and propose a very complex mechanistic 
scheme to account for their product distribution. They found about 36% 
peroxide regeneration, and some production (-10%) of superoxide. Nothing 
in their proposed mechanism, however, accounts for the effect shown in 
Figure 29. 
Limited attempts to calculate the rate constant k~ from equation 66 
gave unsatisfactory results. An increase of ~ to .2.2 X 105 was necessary 
to obtain a calculated Ro value which agreed fairly well with those for 
0.05 and 0.075 M bicarbonate in Figure 29, but the slope and shape of the 
curve were incorrect. An increase in either ~ or k48 would also raise the 
Ro values, but these values are better established in the literature. The 
value of k~ - 5 X 108 is actually an average of eight values which range 
from k~ ... 1.4 X 108 to 7.3 X 108 M S·l (Farhataziz and Ross, 1977). The 
value of ~ '" 2.7 X 107 M S·l is from Christensen et al. (1982). Averages 
of values from Farhataziz and Ross (1977) give an average of 3.2 x 107 M 
S·l for values ranging from 1.2 x 107 to 6.5 X 107 M S·l. Multivariate 
analysis to obtain the best fit to the present data was beyond the scope 
of this project, the goal of which was to produce a model which could 
predict the effect of added solutes using existing literature values of 
the rate constants. The model in its present state of development 
provides a more conservative estimate of the solute effect than was 
actually observed. 
Also shown in Figure 29 are Ro values calculated for the ozone/UV 
experiments performed on t-butanol. These results are seen to be in 
excellent agreement with those obtained in the ~02/UV experiments. This 
is in contrast to the results from the ethanol experiments, which were 
shown in Figure 27. If the interpretation of the previous experimental 
results for ethanol are correct, then the agreement of Ro values for 
~02/UV and ozone/UV treatment: of t-butanol is an indication that no 
superoxide is formed from the peroxyl radical of t-butanol nor 
immediately formed from subsequent reaction products, in contrast to the 
hypothesis of Schuchmann and von Sonntag (1979). 
Finally, the data in Figure 18 show that sulfate and phosphate have 
a slight negative effect on the removal of t-butanol by ozone/UV. 
Reference to Figure· 16 indicates that the utilized ozone dose, Du' is 
actually about 15% higher in the phosphate and sulfate experiments than 
in the control. In addition, Figure 17 indicates that some of the 
peroxide "reserve" is consumed, as was seen in the 03/UV/ethanol data of 
Figure 21. The difference between the ethanol and t-butanol behavior is 
explained using competition kinetics, with the help of Table 8 and Figure 
30. 
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Figure 30a shows the reaction cycles for the 03fUV ethanol system. 
Hydroxyl radicals formed are divided between ethanol, sulfate, and 
hydrogen peroxide in the ratio 89: 11: 0.3, as dictated by the reaction 
rates, the calculation of which is shown in Table 8. Sulfate radical 
anion which is formed is divided between ethanol and peroxide in the 
ratio 95: 5. In all cases some superoxide is formed which reacts with 
ozone to produce more hydroxyl. The net result is that 99% or more of the 
radicals formed eventually react with ethanol, in both the scavenged and 
unscavenged systems. Thus, radical reaction efficiency by itself does 
not explain the difference between the scavenged and unscavenged systems. 
Bothe et a1. (1983), in their study of the pulse radiolysis of 
aqueous ethanol, evaluated the rate constants corresponding to reactions 
71-74 (with hydroxyethylperoxyl- instead of hydroxymethylperoxyl-radical), 
so that equation 76 may be used to evaluate the effect of the rate of 
formation of radicals on the fraction undergoing bimolecular decay. This 
is important for two reasons. According to Bothe et a1. (1983) • 
bimolecular reaction only produces a 10-20% yield of ~02/02-' so 
maintenance of the chain reaction (·OH ~ organic peroxyl radical ~ '02-
~ ·OH) may drop by almost the fraction representing bimolecular decay. 
On the other hand, the products of the bimolecular reaction are in a more 
oxidized state, yielding acetic and formic acids as well as acetaldehyde. 
While the latter point is quite important from a treatment point of view, 
it does not affect parent compound disappearance and hence does not affect 
the kinetic calculations. 
When the calculation (not shown) with equation 76 is done for ethanol 
using literature values for the rate constants, and using the parent 
compound disappearance rate as the radical generation rate, Rg , the result 
is that about 16% of the peroxy1 radical is predicted to proceed through 
the bimolecular pathway and is thus -lost from the chain reaction as 
represented by the ozone mass balance, leaving 84% superoxide generation. 
When the number of mi1limoles of ethanol destroyed plus hydrogen peroxide 
produced (by ozone photolysis) is compared with the amount of ozone 
consumed, the experimental result is 80%, in good agreement with the 
calculation, since when a superoxide is lost, another ozone must be used 
to restart the chain. Since addition of sulfate cannot improve on the 
99+% radical utilization seen in the unscavenged case, it must serve as 
an ionic catalyst, as do phosphate and hydroxide ion in equations 73 and 
74. Unfortunately, no value is available for the rate constant for the 
reaction between sulfate and hydroxyethy1peroxyl radical, but it is 
reasonable to assume that it may be similar to that of phosphate. 
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Table 8. Competition Kinetics in Ozone/UV Treatment of Ethanol and tert-Butanol 
Of With 
·OH EtOH 
·OH H20 2 
·OH SO-2 4 
oSO.- HP2 
.S04- EtOH 
k.[ 0 OH][EtOH] 
k.,[ 0 OH][H20 2] 
kJ 0 OH][SO/J 
kd[ oSO.-][H20 2] 
ke[ 0 SO.-)[EtOH] 
Rate of reaction(a) 
Is given by 
= [OHJ 1.6 x 109 (8.0 X 10-4) = 1.3 X 106 [-OH] 
= [OH] 2.7 x 107 (1.5 X 10-4) = 4.1 x 1<f [oOH] 
= [OH] 1.6 x 106 (1.0 x 10-1) = 1.6 x lOS [oOHJ 
= [ 0 S04 -] 1.2 x 107 (1.5 X 10-4) 1_8 x 1<f [ 0 S04-] 
[.S04-) 4_0 x 107 (8° X 10-4) 3_2 X 104 [oS04-] 
Fraction of radical 
consumed by each 
reaction(b) f. 
, " 
89% 
0.3% 
11% 
5% 
95% 
. ------- .. -----------------------------------------------------------------------.. -----------------------------------------_ ........... _-------- ... - ... _----- ... 
·OH 
oOH 
·OH 
t-BuOH kJ oOH][t-BuOH] 
HP2 k.[ 0 OH][H20 2] 
S04 02 kb[oOH][SO/) 
= [ 0 OH] 4.0 x 108 (1.0 x 10-3) = 4_0 x lOS [0 OH] 
= [ 0 OH] 2.7 x 107 (0.5 x 10-3) = 1.4 x 104 [ 0 OH] 
[ 0 OH] 1.6 x 106 (1.0 x 10-1) 1.6 x lOS [ • OH] 
70% 
2% 
28% 
• SO. HP2 kj[oSO.-][H20 2] = [oSO.-] 1.2 x 107 (0.3 x 10-3) 6_0 x 1<f [oS04-] 89% 
oS04- t-BuOH kl[ oSO.-][t-BuOH] = [-S04-] 7.5 x lOS (1.0 x 10-3) 7.5 x 102 [oS04-] 11% 
(a) Concentrations in square brackets in mole L- t • All rate constants, kj , in units of Lomole-I sec-I. 
(b) Calculated from f" = (Rate for reaction n)/"£. rates for reactions i within the same category, 
i 
i.e., between the same set of horizontal lines in table. Radical concentrations are not known, 
but cancel in the division to calculate f". 
Calculation using that value (k - 4 x 108 M S·l, Bothe et al., 1983) 
predicts 99+% mass balance with ozone. The experimentally determined 
value was 96%. 
For t-butanol, it can be seen from Table 8 and Figure 30b that 
addition of sulfate decreases the radical efficiency by converting 
hydroxyl radicals to sulfate radicals, which preferentially attack ~02 
rather than t-butanol. That attack produces superoxide which reacts with 
ozone to produce more OH. Table 8 shows that this is a 
kinetically-controlled phenomenon. Furthermore, the a-hydroxy-
alkylperoxyl radical formed from t-butanol cannot undergo H02' elimination 
through intramolecular 1,4 H-atom transfer. Consequently, the peroxyl 
radicals react bimolecularly at virtually the diffusion-controlled rate 
for radicals of that size (k - (8 ± 2) x 108 M·' s·', Schuchmann and von 
Sonntag, 1979). Thus, little, if any superoxide is produced to c~nvert 
ozone to hydroxyl radical. The net result is that adding sulfate to the 
03fUV/t-butanol system not only reduces the efficiency of radical use but 
also increases ozone mass transfer (Du) by the production of superoxide. 
These factors have offsetting effects on the reaction rate, and thus while 
the rate of disappearance of t-butanol in the sulfate-and 
phosphate-scavenged experiments shown in Figure 18 is only slightly slower 
than in the unscavenged case, the reaction efficiency is decreased 
significantly by the addition of sulfate. This is reflected in Table 9 
in which are shown the substrate disappearance rate, R; the peroxide 
accumulation rate, ~; and the utilized ozone dose rate, Du ' which is the 
amount of ozone transferred into solution. Addition of sulfate to the 
ethanol/03fUV system allows the 15-20% of superoxide which would otherwise 
be lost when peroxyl radical decays bimolecularly, to be recovered. This 
recovery, seen in the utilization efficiency values, (R + ~) /Du' is 
reflected directly in reaction efficiency (R/Du)' Peroxide accumulation 
is due mostly to ozone photolysis and is affected only slightly. 
With t-butanol, on the other hand, the loss of about 25% in radical 
reaction efficiency (Figure 30b) shows up directly in the reaction 
efficiency, R/Du' in Table 9. The utilization efficiency values in Table 
9 are larger than for ethanol because of the regeneration of peroxide. 
The drop in utilization efficiency upon the addition of sulfate is due to 
less formation of the (peroxide-generating) peroxyl radical, coupled with 
greater peroxide destruction by 'S04- (Figure 30b). The ratio of R/Du for 
t-butanol to that of ethanol (0.81) in the control experiments is in fair 
agreement with that predicted from Table 8 and Figur~ 30 (0.70), 
considering the complications and approximations involved. 
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Table 9. Reaction Efficiencies in Sulfate-Scavenged Ozone/UV Experiments 
lOS x utilized 
lOS x substrate lOS x peroxide ozone dose Reaction Utilization 
disappearance rate(1), R, accumulation rate Ca), rateCa), Du. efficiency efficiency 
Substrate Scavenger mole L-1 min-I AH• mole L-
1 
min_I mole L-1 min-l RjDu (R + AH)jDu 
-...J 
\0 
10-3 M EtOH None 2.2 1.5 4.6 0.48 0.80 
10-3 M EtOH 10-1 M SO-2 4 3.2 1.7 5.1 0.63 0.96 
10-3 M t-BuOH None 1.8 2.9 4.6 0.39 1.02 
10-3 M t-BuOH 10-1 M SO/ 1.5 2.9 5.1 0.29 0.86 
(a) Average over first 10 minutes 
Formaldehyde 
Formaldehyde was used as a probe compound in several experiments, 
even though ~ was not available for this compound. There were several 
reasons for this choice. The behavior of formaldehyde as a superoxide 
producer in hydroxyl radical systems was thought to be well understood. 
Also, there is only one organic reaction product in this system (formic 
acid) before conversion to carbon dioxide, so that fewer complications are 
introduced by subsequent reactions. Finally, a rapid and sensitive 
analytical method is available for the determination of formaldehyde, so 
that more data can be acquired in a given period of time, enhancing the 
precision of the derived parameters such as Ro. 
The disappearance curves of formaldehyde (Figure 7) follow the 
expected trend of decreasing reaction rate with increasing bicarbonate 
concentration. More interesting is the trend in the peroxide 
disappearance data, which was shown in Figure 8. Comparison of the 
peroxide disappearance rate in the control (4.48 x 10-6 M min") to the 
formaldehyde disappearance rate (3.64 x 10-5 M min-I) indicates that 75% of 
the photolyzed peroxide is being regenerated, presumably through 
superoxide disproportionation. It is interesting that 25% is not being 
regenerated,. in view of the proposed mechanistic model. Reaction of 
dihydroxymethyl radical (HO)2CH', the hydrogen-abstraction product of 
hydrated formaldehyde (HOCH20H), with oxygen is known to be fast (k - 7.7 
x 108 M-' s", Stockhausen et al., 1971), and superoxide/H02' elimination 
from the anion (equation 77) should be rapid. 
(77) 
If the above equilibrium is slow enough, self-reaction of the peroxyl 
radical, as in equation 73, can occur. Three different structures (not 
shown) can be written for the "transition state" of the concerted 
tetroxide decomposition. One of these (the "Russell Mechanism") yields 
bicarbonate and formic acid and no peroxide, one yields peroxide and 
bicarbonate, and one yields peroxide and formic acid. There is also a 
concerted free radical analog of the Russell Mechanism which yields CO2 and 
formic acid. A kinetic analysis similar to that accompanying equations 
72-76 cannot be performed because of the lack of appropriate rate 
constants, but it is likely that some of these reactions are occurring in 
parallel with equation 77. In particular, the Russell Mechanism and its 
free radical analog may account for as much as 25% of the peroxyl radicals 
(Stockhausen et al., 1971). The fact that peroxide regeneration in the 
formaldehyde system is greater than in t-butanol is further evidence of 
side reactions in the latter system which do not follow either of the 
regenerative pathways (superoxide or perox'ide production) of the 
previously proposed mechanism. 
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Although no "theoretic'al" Ro values can be calculated for formaldehyde 
because of the lack of a rate constant for the reaction between 'C03- and 
formaldehyde, the experimental Ro values are plotted as a function of 
solute concentration in Figure 31 (discrete points). A value for ~ 
cannot be calculated directly from equation 66 and the experimental data 
because that calculation involves the small difference between two large 
and relatively inaccurate (two significant figures) numbers. However, 
various values of ~ and solute concentration were substituted into 
equation 66 to calculate the Ro curves shown in Figure 31. The majority 
of the data points (with two exceptions) lie on or between the calculated 
curves for k - 103 and k - 104 M" s·'. This range is quite reasonable for 
formaldehyde as can be seen by comparison with the rate constants for the 
reaction of hydroxyl radical with formaldehyde and methanol (k - 6.9 x 108 
and 8 x 108 M" s-l, respectively) and for carbonate radical with methanol 
(5 x 103 M" s·'). We thus conclude that 103 < ~ < 104 M" s" for 
formaldehyde, and that the kinetic model adequately describes the behavior 
of this system. 
By reasoning similar to that applied in Table 9 and Figure 30, it 
should be possible to deduce whether the addition of sulfate or phosphate 
will significantly affect the rate and efficiency of formaldehyde removal. 
However, the rate constants for the reaction of formaldehyde with sulfate 
and phosphate radicals are not available, so that the balance point of the 
trade-off between increased efficiency due to ion-catalysis of the peroxyl 
radical decomposition and attack of hydrogen peroxide by the sulfate and 
phosphate radicals is difficult to judge. 
The best that can be concluded from the data in Figures 9 and 10 is 
that from a water treatment point of view, addition of 0.1 M sulfate has 
very little effect on the disappearance rate of formaldehyde in the ~02jUV 
system, and the addition of 0.1 M phosphate has a relatively small effect. 
From a treatment point of view, both of these effects are compensated by 
a greater peroxide regeneration rate (Figure 10). Since phosphate radical 
is more reactive towards hydrogen peroxide than is sulfate radical, the 
ion catalysis effect must be even greater than for sulfate, for the 
peroxide regeneration rate to be higher. 
Benzene 
The lack of a large effect of bicarbonate on benzene disappearance 
in Figure 11 was unexpected on the basis of the kinetic model and the 
value of k53 - 3 X 103 M" s" (Chen et al., 1975) for benzene/bicarbonate 
reaction. The peroxide disappearance curve shown in Figure 12 indicates 
that about 71% of the peroxide is being regenerated. Although the 
expected reaction sequence is equations 78 and 79, 
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1 
+ ·OH -. (78) 
(79) 
followed by peroxide regeneration by equations 58-60; von Sonntag (1988, 
personal communication), has indicated that considerably less superoxide 
is produced than would be expected. He interprets this as meaning that 
some of the four positional isomers of the hydroxycyclohexadienylperoxyl 
(HCHDP) radical formed in equation 78 'are unable to accommodate the 
geometry required for H02 • to form as a leaving group. The longer the 
peroxyl radical exists, the more likely it is to decompose by the 
bimolecular route corresponding to equation 75. 
Although the effect of later reactions of the HCHDP radical on the 
benzene disappearance rate is not understood, it is clear that either the 
subsequent chemistry is affecting the rate, or the rate constant (~ - 3 
x 103 ) is seriously wrong. Since the rate constant for benzene and OH is 
5.2 X 109 M·' s·' (average of 16 values from Farhataziz and Ross, 1977), 
almost an order of magnitude larger than that for OH and formaldehyde, the 
Ro curve should be displaced approximately one log unit to the right of 
that shown for formaldehyde in Figure 31. This should still give quite 
detectable rate decreases at the higher bicarbonate concentrations used 
(0.2 and 0.5 M). 
That the chemistry of the reaction changes in general is indicated 
by the behavior of the color of the reaction mixture. In the peroxidefUV 
system, the reaction mixture takes on a dark brown color, thought to be 
the result of polymerization of phenolic reaction products. As seen in 
Figure 13, this color change occurs to a much smaller extent in the 
presence of 0.5 M bicarbonate. Carbonate radical is known to react 
quickly with phenol (k - 5-20 x 108 M·' s·', Neta et a1 .• 1988) to give 
phenoxyl radical, which may react further with benzene. This reaction 
with phenolic products may dominate the fate of carbonate radical in our 
system. If the reaction of phenoxy1 radical with benzene occurs, it would 
be another example of a "hole transfer" reagent. This interesting 
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question deserves further investigation, but for the present time, it can 
only be stated that from a water treatment point of view, the addition of 
bicarbonate does not interfere with benzene removal. 
This effect was also observed in the persulfate(UV/benzene system, 
as was shown in Figure 14. Furthermore, these results are consistent with 
those in previous work (Peyton et a1., 1988) in which it was seen that 
bicarbonate had little or no effect on the destruction of benzene by 
persulfate decomposition (sulfate radical production) in the presence of 
soil. These results are important from the standpoint of treatment of 
contaminated ground water, particularly by in situ techniques. 
Chloride, at a concentration of 0.1 M had no significant effect on 
benzene disappearance, as was seen in Figure 24. 
Practical Implications in the Use of AOPs for Water Treatment 
From the above discussion it appears that the deleterious effect of 
common nontarget solutes on the efficiency of treatment by AOPs is not as 
great as is usually believed. Chloride ion at 0.1 M had no significant 
effect on benzene removal by ozone(UV. Benzene treatment by ~02(UV was 
hardly affected by the addition of up to 0.5 M bicarbonate, although it 
is not known whether this result can be generalized to other aromatic 
compounds. 
For aliphatic compounds, ethanol, formaldehyde, and t-butanol can be 
taken as typical worst-case pollutants, from the point of view of their 
,low carbonate radical anion rate constants. As will be seen below, 
however, the hydroxyl radical rate constant also affects the efficiency 
of removal. The efficiency of treatment in the presence of scavenger, 
relative to that in the absence of scavenger, was defined asRo. The 
experimental Ro values for ethanol, formaldehyde, and t-butanol are 
plotted in Figure 32 versus the logarithm of the bicarbonate 
concentration. Also shown in this figure are the ranges which are typical 
of alkalinity (mostly bicarbonate) values for Illinois ground waters and 
surface waters (Harmeson and Larson, 1969). It is clear from this figure 
that for these contaminants at millimolar concentrations, even in ground 
waters of the highest alkalinity content, the efficiency of treatment 
would be reduced only slightly. Industrial wastewaters must, of course, 
be considered on an individual basis. Thus, we must conclude that 
although bicarbonate scavenging of hydroxyl radical is frequently quoted 
as a potential barrier to treatment of organic compounds by AOPs, these 
experiments and calculations indicate that this may not always be the 
case, depending on the organic compounds to be removed and the solute 
composition of the water to be treated. Therefore, each treatment 
situation must be considered individually. 
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Treatment of Dilute Contaminants 
The above work was carried out at millimolar concentrations in order 
to facilitate the analytical chemistry of the experimental work, to obtain 
the precise, accurate data required to verify a theoretical model. 
However, in practical situations, contaminants are frequently present at 
levels much lower than millimolar concentrations. For a given bicarbonate 
concentration, a more dilute substrate competes less effectively for 
active radicals, and a decrease in efficiency with decreasing contaminant 
concentration is expected. To the extent that equation 66 was successful 
in describing the experimental data, the expected efficiency decrease can 
be calculated from that model. 
Figure 33 shows the calculated effect of decreasing substrate 
(ethanol) concentration on ~02fUV treatment efficiency at constant 
peroxide concentration (10-3 M). In going from 10-3 M to 10" Methanol, 
the effect is the same as if the bicarbonate concentration was increased 
by an order of magnitude. At concentrations below 10" M the efficiency 
decreases less dramatically. At ethanol concentrations of 10-5 M (460 
J1.g/L) and below, the efficiency would be significantly affected by 
bicarbonate levels found in typical natural waters in Illinois. 
The Ro values give the efficiency of destruction relative to similar 
conditions but with scavenger absent (Le., "control" experiment). While 
this seems to us to be the most useful means of representing this 
information, it must be remembered that the hydrogen peroxide 
concentration can affect the reaction rate of one "control" (Le., 
unscavenged run) relative to another at a different peroxide 
concentration. Higher peroxide concentration causes a higher light 
absorption rate and thus higher radical generation and contaminant 
disappearance rates. Higher peroxide concentration also can limit the 
efficiency of the reaction by effectively competing with substrate for 
free-radicals. It is convenient to visualize the destruction rate of 
contaminant (Re) as the product of several terms: the rate of radical 
generation (Rg) , the effect on efficiency from peroxide scavenging of 
radicals (f), and the effect of solute (Re). 
(80) 
The effect of the peroxide concentration on the photolysis rate is 
imbedded in Rg , which, for the purposes of this study, can be considered 
a design parameter. The effect of the peroxide concentration on the 
fraction of radicals which attack contaminant is given by 
86 
c: 
0 
.~ 
i.J 
::l 
.-I 
0 
en 
'0 
Q) 
co 
c: 
Q) 
:> 
III 
t) 
III 
c: 
:> 
0 
i.J 
Q) 
:> 
.~ 
i.J 
III 
.-I 
Q) 
~ 
Q) 
i.J 
I'd 
~ 
1. 0 ~-===:::::::.--___ 
0.8 
0.6 
0.4 
0.2 
0 
Typical Illinois 
Surface Water 
Ground Water 
10-4 10-3 10-2 10-1 1 
Bicarbonate Concentration (molar) 
Figure 33. Calculated effect of ethanol concentration 
on relative destruction efficiency. 
87 
f (81) 
Thus, the overall efficiency is given by fRo. This is seen in Figure 
34 where Rd and fRd are plotted for three different peroxide concentrations 
and for an ethanol concentration of 10-5 M (0.46 mg/L). The solid lines (Ro) indicate that the effect of peroxide concentration on Ro is minimal, 
but that too high a peroxide concentration can hurt overall efficiency (fRo, dashed lines) by competing for hydroxyl radical. The fRo curve 
for [H202 ] = 10-4 M lies at 99% of the corresponding Ro value and is 
therefore omitted from Figure 34 for the sake of clarity. It can be seen 
from equation 81 that for organics with hydroxyl radical rate constants 
of 5 x 108 or higher, a ten-fold molar excess of peroxide can be tolerated 
without serious loss of efficiency. 
A more serious treatment problem arises when the contaminant is one 
with unusually low hydroxyl radical reactivity. Such a situation is 
represented in Figure 35 for two such substrates, acetone and acetonitrile 
(k48 - 8 X 107 M-' s·' and k48 = 8 X 106 M-' s·', respectively; averages from 
Farhataziz and Ross, 1977). Even at [HR] 10-3 M for those two 
compounds, some interference can be expected (Figure 35a), while at 10~ to 
10~ M, severe interference by bicarbonate will be experienced. Although 
[~02] - [HR] was used in Figures 35a and 35b, a peroxide concentration of 
10-5 M was not used in Figure 35c since it is not a reasonable peroxide 
dose' for water treatment. Also shown are the calculated curves for 
phenol, which has unusually high values for both the hydroxyl and 
carbonate radical rate constants. The right-hand asymptote for the phenol 
curve represents the region in which virtually all phenol disappears by 
reaction with carbonate radical ion. It can be seen from the trend in 
Figure 35a to 35d, that the effect of lowering substrate concentration is 
to push together the curves for the different compounds. 
A different representation of this information is seen in Figure 36a, 
where Ro is plotted as a function of substrate concentration for a calcium 
carbonate alkalinity of 320 mg/L (6.4 mM bicarbonate). This alkalinity 
value approaches the upward end of typical concentrations in Illinois 
waters. The curves in Figure 36 can be useful when determining the ozone 
dose that will be required during treatment. For example, starting at 
10-3 M, for ethanol removal from 100 to 32% (midway between 10-3 and 10'" M 
on the logarithmic abscissa) will be carried out at 97 ~ 90% efficiency, 
32-10% at 90 ~ 80% efficiency, etc. From 3% to 1% remaining will be 
accomplished at 55 ~ 27%. This information is obtained by moving along 
the curve and reading the ordinate corresponding to different final 
ethanol concentrations. Therefore the total dose to destroy ethanol down 
to some fraction fr remaining can be approximated from this type of curve. 
Shown for comparison in Figure 36a are calculated curves for phenol, 
a common contaminant which has high values for the rate constants k48 and 
88 
1.0 
0.8 
0.6 
0 
~ 
X 
I.i-I 
,.., 
0 
ri 
0.4 
0.2 
o 
---- f x Ro 
X 10-4 M 
... 
... 
" 
" 
,3.2 x 
,10-4 M 
, 
\ 
\ 
lO-3M 
-....... 
" .... 
" 
, 
1 
Bicarbonate Concentration (molar) 
Figure 34. Calculated effect of peroxide concentration 
on relative efficiency of ethanol destruction (Ro). 
Ethanol concentration is assumed to be 10.5 M (460 ~g/L). 
89 
.) [Oq;anic] - 10·J H. [BF2] - 10·J H b) (OrKanic] - 10-4 H. (BF2] - 10-4 H 
1. 0 ...... ",...---oc:=----__ 1. 0 r-=::::::-----__ 
0.8 
0.6 
0.4 
0.2 
o 
10': 10'/ 
[HCOJ-) 
1 
o 
10·J 10'~ 10'/ 
[HCOJ-] 
c) [Orr;anic] - 10·$ H. [BF.?] - 10-4 H d) [Orr;anic] - 10-4 H. [BF.?l - 10-4 H 
1.0 1.0 
0.8 
o 
10'~ 10'/ 1 
o 10'~ 1 
[HCOJ-] [HCOJ-] 
Figure 35. Effect of substrate concentration on efficiency: 
Comparison between different substrates. P == phenol (ku = 1 x 1010 • k53 = 
4.9 x 10') •. E z: ethanol (ku == 1. 8 x 10'. k53 == 1. 5 X 10"), A ... acetone 
(k ..... 8 x 107 • k53 = 1.6 X 102). N == acetonitrile (k". == 8 x 10'. k53 = 3.2 
x 103). All rate constants in units of M~ s~. RD is defined in the text. 
90 
\0 
t-' 
DMA 
1'.0 0.10 
0.8 0.08 
~06 r / / -; 0.06 Ro 
0.4 ~ I I I 0.04 
0.2 0.02 
o o 
10.8 10.7 10-6 10.5 10~ 10.3 10.9 10.8 10.7 10.6 10.5 10.4 
Pollutant Concentration (mol/L) Pollutant Concentration (mol/L) 
Figure 36. Effect of contaminant concentration on treatment efficiency. P phenol, E ethanol, 
A = acetone, N - acetonitrile, DMA = dimethylaniline. 
10.3 
~ (1.1 X 10'0 M" s" and 4.9 X 106 M" s", respectively, Farhataziz and Ross, 
1977, and Neta et a1., 1988). The conclusion from these calculations are 
that above 10.7 M substrate concentration, the individual case, i.e., 
substrate and scavenger identity and concentration, must be considered 
before a statement concerning the effect of nontarget solutes can be made. 
On the other hand, below 10.7 substrate all four compounds approach very 
similar efficiencies of 6 ± 1%. 
The behavior of these curves at low substrate concentration can be 
predicted by examining the limit of Ro (equation 66) at low substrate 
concentration. 
lim Ro 
[HR]-+O 
~[HS] -1 
(1 + ---) (1 
k54 [~02] 
~~[HS] 
+-----) 
k48 kss [ H202 ] 
(82) 
Equation 82 provides a means to establish the conditions necessary 
for enhancement of the reaction by the addition of scavenger. Enhancement 
is defined as attaining a greater substrate destruction efficiency with 
the scavenger present than with scavenger absent. The inequality Ro > 1 
leads to the expression 
> 1 (83) 
which is seen to be independent of scavenger and peroxide concentration. 
For the peroxide/UV/bicarbonate system, for example, the criterion in 
equation 83 corresponds to k~ > 0.022 k48 • 
A compound which satisfies the requirements for enhancement is 
N,N-dimethylaniline, with k48 - 1.1 X 10'0 and ~ - 1.6 X 109 M" s" 
(Farhataziz and Ross, 1977; Neta et a1., 1988). Calculated values of Ro 
for acetonitrile, phenol, and N,N-dimethylaniline (DMA) are shown in 
Figure 37. where it is seen that greater than six-fold efficiency 
enhancement may be achieved at lower substrate concentrations. This 
enhancement is possible because carbonate radical is more selective for 
DMA in preference to peroxide, than is hydroxyl radical. Capture of 
hydroxyl radical by a larger excess of bicarbonate steers the reaction 
toward DMA and the "hole" cascades through hydroxyl, CRA, DMA'!", and 
probably through several other species, before termination. 
It should be noted that this system represents enhancement relative 
to the "control," i.e., relative to the same system without bicarbonate 
present. Since competition from peroxide increases with decreasing 
substrate concentration (equation 81). the net result is that overall 
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efficiency does not decrease as fast with decreasing substrate 
concentration. This is seen in Figure 38 where f and fRo are plotted 
versus substrate concentration. 
This enhancement is expected to be fairly general for other 
substituted anilines as well. As pointed out by Larson and Zepp (1988), 
anilines are important environmental contaminants. Many commercially 
important pesticides, potent mutagens and human carcinogens are anilines. 
Phenoxides, sulfur-containing compounds and some benzoates are other 
examples of candidates for enhancement. The enhancement property 
emphasizes the need to examine scavenging in treatment systems on a 
case-by-case basis. 
Extension to Multicomponent Systems 
Contaminated natural water rarely contains only one component. Even 
if only one major component was present initially, oxidation of that 
component to carbon dioxide requires that it pass through several other 
intermediate compounds before complete mineralization. More must be known 
about these reaction pathways before the intermediates can be predicted, 
but, once known, extension of the model to multicomponent systems should 
pose little problem. In very dilute solution, where each component 
contributes almost negligibly to the total scavenger concentration, the 
components may be considered separately. For more concentrated 
components, a simultaneous approach may be needed. Oxidation of a great 
number of different organic compounds leads to the same suite of one- and 
two-carbon by-products. so these are among the first compounds which 
should be studied. Unfortunately, many of the required rate constants are 
unavailable at this time, and will have to be determined. 
A situation which frequently occurs in ground-water cleanup is that 
of a regulated trace contaminant which must be destroyed in the presence 
of tens of mg/L of nontarget organic material. Because of the competition 
by the nontarget organic material, only a small fraction of the hydroxyl 
radicals which are generated actually react with the target contaminant. 
However, as treatment proceeds, the nontarget material is converted into 
by-products such as organic acids, which have lower carbonate radical 
reaction ra'te constants than do the parent compounds. Under these 
conditions, the presence of bicarbonate may raise the fraction of free 
radicals that is captured by target compound. The condition for 
enhancement, analogous to equation 83, is given by 
~(~[~02] + ka[A]) 
k48(~[~02] + ~[A]) 
> I (84) 
where k. and kb are the rate constants for the reaction of nontarget 
organic material with OH and CRA, respectively. The same model could be 
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used with anions/radicals other than bicarbonate/CRA. As an example, A 
- acetic acid has been assumed. Oxalic acid is a more common by-product, 
but the rate constants are not yet available. Assuming equal 
concentrations of peroxide and acetic acid ([H202 ] - [A]), the condition 
for enhancement becomes 
~ > 0.0056 k48 (85) 
where ~ and k48 are the CRA and OH rate constants, respectively, for the 
contaminant. Under these conditions, destruction of compounds such as 
phenols, ani1ines, quinones and sulfur compounds, which are known to react 
fairly quickly with CRA, will be enhanced in the presence of bicarbonate. 
" 
A higher concentration of nontarget compound, relative to peroxide, will 
give even greater enhancement. For example, assuming [H202 J - 0.1 [A] 
leads to the enhancement condition 
(86) 
Under these conditions, enhanced destruction of compounds with CRA rate 
constants greater than about 1 x 106 L/mo1e-sec should occur. 
Effect of Natural Organic Matter on Efficiency of AOPs 
The second most frequently cited detriment to the efficiency of AOPs 
(after bicarbonate alkalinity) is scavenging of radicals by the natural 
organic material present in most natural water. In order to investigate 
this possibility, we first studied systems which contained macromolecules 
which were well characterized and which minimized experimental and 
interpretational problems other than the ones being studied. Polyethylene 
glycols were selected as the competing macromolecules because their 
structure and molecular weight were well known, and because they do not 
appreciably absorb UV radiation. This latter property greatly simplifies 
the interpretation of the experimental data by not having to correct for 
different peroxide photolysis rates. 
In the presence of oxygen, a rapid reaction of organic radicals to 
form peroxyl radicals is expected, analogous to the methanol system 
(equations 71, etc., Chapter 6). This peroxyl radical decays rapidly and 
is not usually expected to further affect the model substrate (benzene 
appears to be an exception - see Chapter 4), so that no reaction analogous 
to the-radical anion attack on substrate (equation 53) was included in the 
model for interference by organic matter. Equation 66 for Ro then 
reduces to 
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k52[HS] 
[1 + _________ ]-1 (87) 
k48[HR] + ~[H202] 
This equation cannot be used to predict Ro since values of k52 for the 
reaction of OH with natural organic matter are not available. However, 
the following discussion describes a check on its validity. 
A given weight concentration (e.g., mg/L) of a macromolecule will 
have a much lower molar concentration than that of a small molecule of 
corresponding weight concentration. Since kinetic expressions are written 
in terms of molar concentrations, for a macromolecule to compete with a 
small molecule of equal weight concentration, the rate constant of the 
macromolecule would have to be very large. Although many scientists and 
engineers are accustomed to thinking of 1010 M-1 S·1 as the 
"diffusion-controlled" upper limit for solution rate constants, a modified 
version of the Smoluchowski equation (Braams and Ebert, 1968) predicts 
much higher values for macromolecules, because of their increased 
hydrodynamic volume. Those authors found that calculated values compared 
favorably with experimental ones for various proteins, enzymes, etc., for 
which hydroxyl radical rate constants were available. Therefore, the data 
from our competition experiments were used to calculate rate constants 
for the reaction between hydroxyl radical and polyethylene glycols of 
different average molecular weights, using equation 87. Those calculated 
rate constants were then compared with examples from other macromolecules. 
The results of those calculations are plotted versus molecular weight in 
Figure 39, along with several literature values for small molecules and 
macromolecules. Correlation between rate constants and molecular weight 
is seen to be very good for molecules with molecular weight greater than 
100, and the results for polyethylene glycol follow that correlation as 
well, providing evidence for the validity of equation 87 (and therefore, 
equation 66) in this system. Figure 39 includes points from both ~02fUV 
treatment and photolytic ozonation of polyethylene glycols, with good 
agreement for both processes. Thus, this macromolecular material seems 
to interfere in a kinetically-predictable manner. 
When the polyethylene glycol is replaced by humic material, however, 
complications arise. During the course of this project, data from another 
project (Peyton et al., 1988b) became available on the destruction of 
diethyl malonate in the presence of humic material. This data as well as 
that with polyethylene glycol, has been published in the above reference, 
and is interpreted below in light of what was learned during the 
previously discussed macromolecule studies using polyethylene glycol 
(PEG). 
During studies on the photolytic ozonation of diethy1 malonate (DEM) , 
it was found that the addition of I, 5 or 10 mg/L of Aldrich Humic Acid 
(AHA) to a 5 mg/L solution of DEM had little or no effect on the DEM 
disappearance rate. Since the present study had indicated that the effect 
of macromolecules should be kinetically predictable, the humic acid data 
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appeared to be an anomaly. Although DEM disappearance by ~02fUV was 
slowed more than twice as much by 10 ppm of AHA as by 10 ppm PEG, this 
could probably be accounted for by decreased peroxide photolysis rate due 
to absorption of UV light by AHA. Further experimentation disclosed that 
the humic acid was acting as a "superoxide producer," so that each. 
hydroxyl which reacted with HA was only "borrowed" since the superoxide 
formed reacted with ozone to produce another hydroxyl radical. The 
additional ozone which is required for this process did not corne from 
increased ozone utilization (i. e., from ozone mass transfer into the 
reactor), but rather, ozone utilization for hydroxyl radical replacement 
reduced the amount of ozone available for ozone photolysis. At the same 
time, the presence of AHA partially shielded available ozone from 
photolysis. The net result is that the radicals lost to scavenging were 
formed at the expense of hydrogen peroxide production. Since hydrogen 
peroxide is also produced by DEM, following hydroxyl radical attack, it 
is difficult to quantitatively interpret the data, but the general trend 
in the peroxide accumulation curves, shown in Figure 40, is qualitatively 
consistent with this interpretation. 
It is obvious that at low substrate concentrations relative to the 
humic material, the disappearance rates will suffer accordingly, since the 
disparity between humic and substrate concentration would be great enough 
that the hydrogen peroxide "reservoir" will not be able to replace all of 
the scavenged radicals. The exact behavior, however, is difficult to 
predict, but it is our hypothesis that at lower substrate concentrations, 
competition from humic material will behave more like the polyethylene 
glycol results. 
It was found in the referenced study (Peyton et al., 1988b) that the 
rate constant, k, for macromolecules obeyed the empirical relationship 
(88) 
where A - 106.8, m - 0.87, the molecular weight M. is in Daltons, and k is 
in L mol-1 S". 
It follows from that relationship that 
(89) 
where C_ is in mg/L, since [S] - 10-3 C_/Ms • In the expected molecular 
weight range for humic material, 1,000 < M. < 100,000, the quantity M..().13 
only varies between 0.41 and 0.22, so that within a factor of about 50%, 
k.[ S] 0.3 X 10-3 A Cws (90) 
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where the value 1.9 x 103 can be considered an average weight-based rate 
constant for organic macromolecules. Assuming natural organic matter to 
be about 50% carbon, kl[S] "" kooc [DOC], where kooc - (4 ± 2) x 103 
L/mg-sec, and the DOC is given in mg/L. 
Under these assumptions, 
[1 + 
kooc[DOC] 
_____ ]-1 (91) 
Thus, for example, for ethanol with k48 - 1.8 X 109 M·1 S·I, in a natural 
water with an organic content of [DOC] - 2 mg/L, 
4.4 x 10-e [1 + _____ ].1 (92) 
[HR] 
and destruction of 4 micromolar ethanol (184 j.Lg/L) would only be 50% 
efficient. Another way of stating that information is that a twenty-fold 
excess (by weight concentration) of humic material would only decrease the 
efficiency by half. Obviously, the assumptions concerning the 
interference behavior of humic material at low substrate concentrations 
need to be verified if work at low substrate concentrations is 
anticipated. 
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CHAPTER 7: CONCLUSIONS 
Summary of Results and Discussion 
Because of the highly technical nature of the previous chapter, the 
main points made in the discussion section will be summarized here. 
Following this summary, the conclusions will be st~ted, and finally, the 
practical implications of those conclusions on water treatment using AOPs 
will be discussed. 
Advanced Oxidation Processes are those processes which generate free 
oxy-radicals as the active agents to destroy contaminants. Previous work 
(Peyton et ai., 1987; Peyton and Glaze, 1988) has shown that organic 
compounds can be roughly divided into two categories according to their 
behavior in Advanced Oxidation Process (AOP) treatment systems: Those 
which produce superoxide as a reaction by-product, and those which produce 
hydrogen peroxide. There is some evidence (von Sonntag, 1987) that some 
compounds may fall into both categories, i.e., produce both superoxide and 
hydrogen peroxide. For the purposes of this discussion, however, the 
categorization is still a useful one. 
The effects of four inorganic solutes, bicarbonate, sulfate, 
phosphate, and chloride, on the efficiency of destruction of organic 
contaminants by AOPs were investigated. Four model contaminants were 
used: three aliphatic compounds, ethanol, formaldehyde, and tert-butanol; 
and one aromatic compound, benzene. A simple competition-kinetic model 
was developed to describe the reduction in treatment efficiency caused by 
the presence of the inorganic solutes. 
Agreement of the experimental results with the predictions of the 
hypothesized model for aliphatic compounds ranged from very good for 
ethanol to fair for t-butanol. Agreement for t-butanol was probably 
within experimental error, considering that the model requires, as input, 
five reaction rate constants from the free-radical literature, and five 
experimentally-determined concentrations. 
Calculation of the reaction efficiency in the presence of solute, 
relative to that in its absence, was performed using equation 66 (Chapter 
4). The results can be expressed as a plot of that ratio, Ro, as a 
function of solute concentration, as was given in Figure 27 (Chapter 6) 
for ethanol in the presence of bicarbonate. The curve is seen to have a 
characteristic sigmoid shape and clearly indicates at what solute 
concentration interference can be expected, as well as what concentration 
the efficiency drops to an unacceptable value. In an actual treatment 
scenario, this value would be preselected by the design engineer. 
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For the destruction of t-butanol in the presence of bicarbonate, 
agreement of the calculated curve with the experiment results (Figure 29, 
Chapter 6) is still reasonably good, and the calculated curve can be seen 
to be a lower bound to the actual value, that is, it overestimates the 
interference effect of the solute. This fact is useful in that it gives 
the design engineer at least an estimate of whether a particular process 
is feasible or whether the waste stream should receive prior treatment, 
such as acidification and carbon dioxide sparging from solution before 
treatment by the AOP. 
Although the required rate constants were not available for the 
prediction of Ro values for formaldehyde, a graphical method (Figure 31, 
Chapter 6) was used to estimate that rate constant from the experimental 
data. This estimate was found to be reasonable in view of rate constants 
of related species. 
The hypothesized model did not correctly predict the behavior of the 
aromatic compound, benzene in the H202/UV system. Very little decrease in 
the reaction (treatment) rate of benzene was observed, even when as much 
as 0.5 M (42,000 mg/L) sodium bicarbonate was added to the reaction 
mixture. This level of bicarbonate far exceeds the bicarbonate 
alkalinity values expected in surface water, ground water, or even most 
industrial wastewater. While these results indicate that the present 
kinetic model is not suitable for benzene as a substrate, they also 
indicate that high bicarbonate concentrations are not a problem in the AOP 
treatment of benzene, and thus, no model is needed. It is important to 
determine whether these results can be generalized to other aromatic 
compounds. 
The effect of sulfate and phosphate on the destruction of the probe 
compounds was in general, less dramatic. In most cases, fairly subtle 
differences in the behavior of the reaction systems in the absence and 
presence of sulfate and phosphate were found to be interpretable in terms 
of the known chemistry of those systems, and these aspects are discussed 
in detail in Chapter 6. However, a more practical generalization of the 
results is that with minor exceptions, the effect of sulfate and phosphate 
presence is negligible within the limits of experimental error and the 
inaccuracies of process design, and thus no model is needed for the 
effects of sulfate and phosphate. A typical example is shown in Figure 
9, Chapter 5, where no effect on the disappearance of formaldehyde in the 
~02/UV system is seen upon the addition of 0.1 M sulfate (9,600 mg/L, as 
sulfate). Addition of 0.1 M phosphate (9,500 mg/L, as phosphate) only 
slowed the reaction rate by 10%. This represents a solution concentration 
of about 1% phosphate, which is much higher than all but the most 
heavily-laden industrial wastewaters. 
An important exception is the data shown in Figure 22 for the 
ozone/UV destruction of ethanol in the presence and absence of 0.1 M 
sulfate. As described in Chapter 6, sulfate appears to serve as an ionic 
catalyst promoting the decomposition of intermediate peroxyl radicals, but 
also to convert hydrogen peroxide (produced by ozone photolysis) to 
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superoxide. which reacts with ozone to produce more hydroxyl. This effect 
would be seen only in ozone systems and only with substrates which are 
superoxide producers (as opposed to peroxide producers - see Chapter 6, 
section on ethanol). Furthermore. 0.1 M sulfate is a much higher 
concentration than is seen in natural water and most waste streams. 
Chloride was shown to exhibit a negligible effect on the 
disappearance rates of both ethanol and benzene in the ozonefUV system, 
although other data collected in the benzene experiments indicated that 
there was some effect on the overall chemistry of the system. 
Conclusions 
1) The kinetic model developed from consideration of the competition 
kinetics of the free-radical species provided an excellent 
representation of the effect of bicarbonate on the destruction of 
aliphatic organic compounds which are "superoxide producers" (ethanol 
and formaldehyde, in this study). Predictions of the model were in 
fair agreement with results for the "peroxide producer" (t-butano1) 
which was investigated. The deleterious effect of bicarbonate on the 
t-butano1 destruction rate was somewhat less than that predicted by 
the model, so that the model provided a conservative estimate (lower 
bound) of the expected efficiency. 
2) Bicarbonate was found not to interfere greatly with the destruction 
of benzene, even at bicarbonate concentrations of 0.5 M (30,500 mg 
HC03-/L). Thus, a model for the effect is not required. 
3) Sulfate, phosphate and chloride did not appreciably affect the 
efficiency of hydroxyl radical destruction of the model contaminants 
in the ~02fUV system. Sulfate was found to enhance ethanol 
destruction efficiency in the ozonefUV system. This enhancement is 
thought to result from two effects: 1) sulfate appears to act as a 
base in the Bronsted-Lowry sense and remove a proton from the 
hydroxyalkylperoxyl radical to produce superoxide, which then reacts 
with ozone to produce hydroxyl radical; and 2) Sulfate radical ion 
can react with hydrogen peroxide to yield superoxide, which reacts 
with ozone to produce hydroxyl radical. Since the second effect was 
present for ethanol (a "superoxide producer") and not for t-butanol 
(a "peroxide producer") we conclude that the former effect is 
dominant. Thus, no model is needed for these anions, except for 
superoxide-producing substrates in systems containing ozone. Since 
the latter group constitutes an appreciable fraction of possible 
treatment scenarios, it warrants further study. 
4) The competition from well-characterized macromolecules (polyethylene 
glycols) was kinetically predictable. using an estimation of the 
hydroxyl radical rate constant which was based on those of other 
macromolecules. Although 03fUV treatment of relatively high 
concentrations of peroxide-producing substrate (3 x 10-5 M) have been 
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macromolecules. Although 03/UV treatment of relatively high 
concentrations of peroxide-producing substrate (3 x 10-5 M) have been 
shown to be unaffected by even twice their weight concentrations of 
Aldrich humic acids, the effect at high humic and low substrate 
concentrations is expected to be much more similar to that of the 
polyethylene glycols. Significant interference by bicarbonate can 
be expecte·d in natural water when the hydroxyl radical rate constant 
has a value of less than 108 L/mole-sec, or when the concentration of 
contaminant is below about 1 mg/L. 
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